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PREFACE 

The first edition of this book was designed for a brief course in 
qualitative analysis, emphasis being placed upon its use as a 
laboratory manual and only a minimum of theory being included. 
Soon after its publication, however, experience in the use of the 
book led the authors to the belief that the text would be much 
more usable if the theory portion were expanded. To enhance 
the value of this expansion, a survey was undertaken, question- 
naires being sent to a large number of teachers of qualitative 
analysis to obtain a consensus as to what subjects should be 
covered in qualitative analysis and what approach should be 
used. A gratifying number of replies were obtained from 
teachers in schools of all sizes and from all parts of the country. 
Consequently, the suggestions from that survey have been 
incorporated in this revision. 

A number of the changes made and ideas introduced seem 
especially worthy of mention. 

1. The theory portion has been greatly increased, not only 
to include all subjects commonly treated in qualitative analysis, 
but also to make use of the educational devices y ^repetition and 
drill. The theory portion starts with a chapter .devoted to the 
review of important principles of general chemistry; then follow 
the more involved principles necessary to the proper understand- 
ing of qualitative analysis and the theories of solutions. Fre- 
quent reference is made to subjects studied in general chemistry 
to promote the viewpoint that qualitative analysis is an extension 
of general chemistry and is just the next step in acquiring an 
understanding of the principles of chemistry. 

2. The discussion throughout the book is designed to show the 
student (a) why the principles studied are of use to him, ( b ) how 
the principles may be used to meet new situations, and ( c ) how 
the theory and laboratory are related. 

To meet these objectives the theory has been illustrated as far 
as possible by examples taken from actual situations occurring 
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in the laboratory. The mathematical aspects have been devel- 
oped through the detailed treatment of many illustrative prob- 
lems, and many practice exercises have been included at the end 
of each chapter. These practice exercises make use of material 
learned not only in the immediate chapter but also in earlier 
chapters so as to necessitate frequent review of important 
principles. 

3. To avoid the confusion that is likely to develop in the 
student’s mind when much material is covered, each chapter 
ends in a summary designed to help the student organize his 
ideas. The summary is in each case followed by a section of 
review questions whose study serves further to aid in that 
organization. 

4. Modern theories have been treated extensively throughout 
the book, though the chief approach is more classical than 
modern. The authors feel that with both viewpoints as prom- 
inent as they now are, to exclude either would be detrimental 
to the best interests of the student. Thus the older conception 
of hydrogen ion rather than hydronium ion is used predom- 
inantly; for except in those cases where mechanisms of reactions 
are being considered, it seems unnecessary to emphasize the 
hydrated condition of the hydrogen ion when, for example, we 
still treat the cupric ion in aqueous solution as Cu ++ rather than 
write it with the water of hydration that we know it to possess. 
Where the conceptions of Bronsted and other modern workers 
seem to make rea 1 contributions, however, sections have been 
devoted to the applications of those theories, the similarities 
and differences between the concepts being developed. This 
approach has been used to permit greater freedom to the teacher 
and yet to provide fairly complete information for the use of the 
student both now and later. 

In the mathematical approach, it has seemed advisable to use 
concentrations rather than activities; for a thorough understand- 
ing of the mathematics involved in a complete treatment of 
ionic strengths and of activities probably would be too difficult 
to convey to students of the freshman and sophomore level, and 
any half measures would be unsatisfactory. The modified 
classical treatment gives valuable approximations for many 
cases, and the exercises illustrated are used mostly to help the 
student understand the simpler principles involved. 
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Although the book includes many topics that some teachers 
will feel are nonessential, the organization is such that those 
topics can be omitted at the discretion of the teacher. In 
choosing these topics, great use has been made of the results 
of the questionnaire that was referred to earlier. 

In the laboratory portion, a number of improvements based 
upon experience and upon suggestions obtained from the survey 
have been incorporated. The main form of the original book 
has been retained, but improved procedures have been intro- 
duced, and convenience has boon increased by certain rearrange- 
ments of materials. Thus, an unusually successful optional 
method (Option II) has been included for the analysis of Cation 
Group III, in addition to the classical method (Option I). The 
use of a saturated solution of NaC10 3 instead of solid KCIO* in 
the test for manganese has made this test Jess troublesome; while 
in Optional Method II, the oxidation of Cr 44-4 to Cr 2 07 ~ in a 
nitric acid solution by the action of NaC10 3 has lessened the 
loss of chromium that usually results from the precipitation 
of Cr() 4 " with cobalt and nickel in the older sodium hydroxide 
peroxide separation. In a similar way the tests for tin and for 
arsenic have been greatly improved by seemingly minor changes 
in the procedure. 

The analysis of the anions has been completely reorganized. 
By means of preliminary oxidation-reduction elimination tests 
the time required for the analysis of any unknown is greatly 
shortened, and at the same time the student acquires an impor- 
tant knowledge of the oxidizing and reducing properties of the 
anions. In addition, the actual analysis for the anions has been 
systematized; and especially in Anion Groups II and III, a 
rather definite precipitation as groups followed by a systematic 
separation and identification similar to that for cations has been 
developed. 

The notes, which in the first edition were all gathered in one 
part of the book, have been divided and are placed in groups 
immediately following the group procedure to which they refer. 
They are thus much more accessible to the student. The notes 
have been revised, and much new information has been made 
available in them. These, together with frequent references 
to the theory portion, aid greatly in linking the laboratory and 
lecture portions of the course. In addition, a comprehensive 
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list of review questions accompanies the work on each group of 
cations. 

It is impossible to list here the names of all those whose sug- 
gestions and active assistance made this revision possible, but 
the authors wish to express their gratitude, especially to all who 
replied to their questionnaire, and to acknowledge their indebted- 
ness to those people. The authors wish particularly to thank 
Dr. Otis C. Dermer of this college for having read and criticized 
the manuscript. 

Paul Arthur, 
Otto M. Smith. 

Stillwater, Oklahoma, 

September , 1942 
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PART I 

THEORY 

CHAPTER I 

INTRODUCTION : REVIEW OF ELEMENTARY 
PRINCIPLES 

One of the first things learned by students in general chemistry 
is the fact that the chemist identifies and distinguishes among 
substances by means of differences in their chemical and physical 
properties. The simpler the substance and the more outstanding 
its properties the easier the identification becomes. Most of this 
type of work, however, is done with substances that are by no 
means simple and with the purpose of learning not only what is 
present in the substance but also how much of each component 
is in a given sample. Such information is obtained by performing 
an analysis — qualitative , to find out what is present in the sub- 
stance, and quantitative , to determine how much of each component 
is present in a given sample. 

One of the functions of a course in qualitative analysis is to 
convey a knowledge of the procedures used in determining the 
composition of ordinary substances. Before any student can 
realize the full value of the subject, however, he must understand 
that qualitative analysis involves much more than good tech- 
nique. The proficient analyst seldom limits himself to acquiring 
skill in following cookbook types of laboratory procedure, for 
he knows that the best results come from an understanding of the 
basic principles that govern the reactions and procedures used. 
The analyst who does not have such knowledge will find it 
exceedingly difficult to meet any unusual situations that arise. 
He may be an excellent technician, but he will seldom be the head 
man in his work and certainly must depend upon better trained 
men whenever he is confronted with any new problems. It 

1 



2 INTRODUCTION. REVIEW OF ELEMENTARY PRINCIPLES 

behooves each student of analytical chemistry, therefore, to learn 
why each operation is performed as it is rather than to learn a 
mere routine procedure. 

Aside from the analytical training that it furnishes, however, a 
course in qualitative analysis has a much broader and more 
important reason for existence. Actually, it is not a new subject 
— it is an extension of general chemistry in which many of the facts 
learned in the earlier course are treated in greater detail and new 
facts and many new applications are studied. The principles of 
general chemistry serve as foundations for analytical chemistry; 
similarly, a mastery of qualitative analysis is merely the next step 
in acquiring adequate foundation for the still more specialized 
branches to be studied later. The material treated in qualitative 
analysis leads to a better understanding of the laws of chemistry; 
and this increased knowledge is of a type that is very practical in 
almost any branch of chemistry with which the student may later 
find himself occupied. 

With these facts in mind, it is quite apparent that a review of 
some of the more important conceptions studied in general 
chemistry will be helpful. Borne of these points will be discussed 
in the remainder of this chapter, but it is hoped that the student 
will refer frequently to his general chemistry text to review topics 
that must, of necessity, be treated briefly here. 

Atomic Structure. In general chemistry we learned that 
studies of the decomposition products of radioactive elements, of 
the bombardment of thin metallic films by high-velocity electrons, 
of artificially produced radioactivity, and of many other similar 
subjects have made it possible for scientists to identify several 
subatomic particles and obtain ideas concerning the structure 
of the atom. Although no accurate picture of the atom can be 
formulated, a simplified conception as first postulated by the 
Danish scientist Niels Bohr and later modified in the light of new 
discoveries can be used to explain many of the facts observed 
experimentally in the laboratory. At present it may be assumed 
that three kinds of particles are present in atoms : electrons , which 
are unit negative charges of electricity and which have a mass 
equal to about Ms 50 of the weight of a hydrogen atom; protons , 
which are particles possessing a positive charge equivalent in 
magnitude to that of the electron and a mass equal approximately 
to one atomic weight unit; and neutrons , which are particles 
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Fig. 1. — Electron distribution in some simple atoms. 
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having no electrical charge but having a mass equal to that of the 
proton.* 

Early experiments with thin metallic foils pointed to the fact 
that any atom consists of a compact nucleus surrounded only by 
electrons. A simple conception of the atom, therefore, is that it 
consists of a nucleus made up of protons and neutrons and that 
the electrons, which are systematically arranged in orbits or shells 
around the nucleus, move around the nucleus of the atom (see 
Fig. 1). The number of protons in the nucleus is equal to the 
atomic number of the element. It is obvious that since atoms are 
electrically neutral, the total number of electrons in the shells 
around the nucleus must be equal to the number of protons in the 
nucleus; consequently, the number of electrons also must be equal 
to the atomic number. 

It will be recalled from general chemistry that the valences 
possible for a given atom arc largely controlled by the number of 
electrons that it has in its outermost electron-containing orbit — 
sometimes called its valence orbit . With the exception of helium 
which has two, the elements found in the zero group (Group 
VUIb) of the periodic table all have eight electrons in this orbit. 
None of these elements form compounds or undergo chemical 
reactions. With certain exceptions, f in the other groups of the 


* Two other subatomic particles have been produced and studied; the 
alpha particle , which is a helium atom with two unit positive charges, and 
the positron , a particle having the charge of the proton but a mass equal to 
that of the electron. It is not known exactly what part each of these plays 
in the atom. Possibly the proton is merely a close combination of a neutron 
and a positron. The suggestion has also been made that the neutron is a 
proton closely associated with an electron. For practical purposes, how- 
ever, the atom pictured above enables us to explain the simpler reactions 
and behaviors of atoms. 

f The elements from scandium to nickel, from yttrium to palladium, from 
lanthanum to platinum, and from actinium to uranium do not follow the 
rule of normally having electrons m the outer orbit equivalent to the 
number of the periodic group in which they are found. These are the ele- 
ments in Groups Ilia to Villa, inclusive, in the periodic table. They may 
exhibit some valences characteristic of the other elements of their group, 
but they owe this ability to the fact that certain electrons in the shell 
nearest the valence shell can, under the proper conditions, shift from the 
inner shell to the outer or valence orbit, thus becoming available to produce 
the expected valence. For example, iron has two electrons m its outer 
orbit. When these two electrons are lost, the resultant ion has a valence 
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periodic table the number of the group is the same as the number 
of electrons in the valence orbit. For example Group I elements 
have one valence electron; Group IT, two valence electrons; and so 
forth, those of Group VII having seven valence electrons. 

With this simplified picture of the atom in mind we can now 
consider the question of valence and of the types of compounds 
formed by different combinations. 

Valences and Compound Types. It was mentioned earlier 
that the elements of Group Zero (Group VII 16) are chemically 
inert, i.c., will not react with other elements. Apparently these 
atoms have a very stable arrangement of electrons in their outer- 
most electron-occupied shells, the stability of this arrangement 
being so great that changes in it will not ordinarily occur. If we 
were to attribute human qualities to atoms, we might say that 
these atoms are completely “satisfied” with this configuration. 
To continue the analogy, where the atoms of other elements react, 
they apparently try to attain the electronic arrangement of the inert 
element that comes nearest to having the same number of electrons as 
they. In other words, they tend to lose electrons or to gain or 
share enough of the electrons from another atom to give them 
eight electrons in the outermost electron-containing orbit.* To 
illustrate, let us consider some of the elements of the second 
period, starting with the inert gas neon and considering the typi- 
cal elements sodium, magnesium, aluminum, silicon, sulfur, and 
chlorine. 

When sodium (a metal) reacts with a nonmetal, the sodium 
loses its single valence electron to the non metal. This leaves the 
sodium atom with the same number and arrangement of electrons 
as is found in the neon atom (see Fig. 2). It will be recalled, 
however, that before reacting, the sodium atom was electrically 


of H-2. If an oxidizing agent of sufficient strength (ordinary oxygen is 
enough) is brought to act, a third electron will shift outward and be lost 
by the atom, giving the atom the familiar valence of +3. 

* Hydrogen and lithium are exceptions to this rule, the latter tending to 
lose its valence electron and attain the helium arrangement of two electrons. 
Hydrogen usually loses its electron to leave only a proton, but in some 
rare compounds, e g , in the formation of metal hydrides, it takes on one 
electron to attain the helium electronic arrangement. More often it 
assumes this configuration by sharing electrons with certain nonmetals 
[as in NH 8 , CH 4 , PH 3 , and SiH 4 (see Fig. 3)]. 
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neutral. The loss of the one electron leaves in the nucleus a 
proton for which there is no electron in the shells sm rounding the 
nucleus; consequently, the atom of sodium now has an active 
charge, or valence , of +1. Thus, by the loss of an electron, the 
atom has become what is known as a cation , i.e., a positively 
charged ion. If magnesium instead of sodium were to react, it 
also would attain the electronic configuration of the neon atom. 
The change in this case, however, would involve the loss of two 



Sodium atom Sodium ion Neon atom 



Chlorine atom Chloride ion Argon atom 

Fia. 2. — Electronic arrangements of atoms, thcii ions, and the corresponding 

inert gases. 

electrons, and the charge or valence assumed by the atom would 
be +2. Similarly, aluminum, with three valence electrons, may 
lose the three electrons and assume a valence, or charge, of +3. 

Now, suppose that the nonmetal with which the sodium is 
reacting is chlorine. Chlorine has seven electrons in its outer- 
most orbit (see Fig. 2). For it to lose all seven electrons in order 
to assume the neon configuration would be exceedingly difficult. 
Consequently, in reacting with metals, the chlorine atom tends to 
gain one electron, assuming, thus, the electronic configuration 
of the much nearer inert gas argon. In so doing, however, the 
chlorine, which was formerly neutral, takes on the charge of the 
electron gained and thus assumes a negative valence of 1 . Thus 
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sodium exemplifies those elements which readily lose one electron 
to attain their most stable electronic patterns, whereas chlorine 
represents those elements which gain one electron for the same 
reason. Consequently, when a metal such as sodium reacts with 
a nonmetal such as chlorine, the atoms of the metal completely 
give up their valence electrons and the atoms of the nonmctal 
take on the electrons given up by the metal. The metal is left 
with one or more excess positive charges; the nomnetal, with 
excess negative charges; and the resulting ions are held together 
by the forces of attraction between these unlike charge's. 

When silicon is considered, a different situation is encountered. 
To assume the electronic configuration of neon, silicon would have* 
to lone four electrons; on the other hand, to attain that of argon, 
it would be necessary for the silicon atom to taki on four electrons. 
To do either of these in the fashion described above would bo 
extremely difficult, and any compounds of silicon that might 
theoretically bo formed in that manner would probably be very 
unstable * Instead, the silicon atom assumes, when possible, the 
electronic configuration of the argon atom, doing this by a process 
of sharing the valence electrons possessed by other atoms instead 
of taking the electrons for itself as chlorine did. This may bo 
illustrated by studying the structures of the two compounds of 
silicon: SiII 4 , silane, and SiCl 4 , silicon tetrachloride (Fig. 3). 

In Sill 4 we have a compound of silicon (with four valence 
electrons) and hydrogen (with one valence electron). Although 
it is perfectly possible for four hydrogen atoms to yield a total 
of four electrons to any receptive atom, the silicon cannot retain, 
without aid, the four additional electrons that it needs. Con- 
sequently it may be said that a bargain is struck between the 
silicon atom and four hydrogen atoms, in which the silicon atom 
shares its four electrons with four hydrogen atoms, in return 
for which the hydrogen atoms share their electrons with the 
silicon — the silicon thus associating itself with the eight required 

* The reason for this statement is clear if one remembers that of the 
elements in the second period, whereas sodium loses its electron readily, 
magnesium loses its two electrons less readily and, at the other end of this 
period, whereas chlorine accepts one electron readily, sulfur accepts its two 
electrons much less readily. Apparently those elements in Group IV 
(■ i.e , in the middle of the period) should neither completely lose nor com- 
pletely take on electrons readily. 
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to give it a modified argon electronic structure. On the other 
hand, each atom of hydrogen thus retains a share in its own 
electron but also gains a share in a second electron. This gives 
it part interest in a pair of electrons, and its electronic structure 
becomes similar to that of the inert gas helium. The result is 
that both the silicon atom and the hydrogen atoms are more 
“satisfied” than they were in the uncombined state and the 
compound silane is formed. 

It should be pointed out that these electronic configurations 
are possible only as long as the silicon and hydrogen remain 


X X 



X X 

Silane Silicon tetrachloride 

Fia. 3. — Electron sharing in compounds of silicon In this diagiam, the 
dots represent the electrons from the silicon, while the crosses represent those 
from hydiogen or chlorine. 

together, since neither element actually gives up its electron 
to the other. Consequently, these atoms can separate from 
each other only if the compound is undergoing decomposition 
or a reaction with other substances. In this respect the com- 
pound is quite different from the product of the reaction of sodium 
and chlorine. In the latter case the sodium did not share its 
electron — it gave the electron to the chlorine atom. Only elec- 
trostatic forces hold them together; and if for any reason these 
forces are weakened sufficiently, the atoms may separate and 
go their own ways independently, each bearing the charge that 
it acquired during the original reaction. It will be found later 
that this accounts, in part at least, for a very important difference 
between these compounds. 

In a similar manner (Fig. 3), when silicon reacts with chlorine, 
the silicon yields a share in one of its electrons to each chlorine 
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atom in return for a share in one of the valence electrons of the 
chlorine atom. By sharing its electrons with four chlorine 
atoms, each of which in return shares one of its electrons with 
the silicon atom, the silicon obtains a share in the eight electrons 
required to give it the electronic configuration of argon. Simi- 
larly, the electron that the silicon atom yields to the partnership 
with each chlorine atom completes the eight electrons needed to 
give the chlorine the electronic configuration of argon. 

It will be noted that in silane each hydrogen atom shares a 
pair of electrons with the silicon atom and that since there an* 
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Methane 


Propane 


Fig. 4- Electron sharing and chain formation in carbon compounds. 


four such hydrogen atoms, the silicon is sharing four pairs of 
electrons with the four hydrogen atoms. By the ordinary con- 
ception of valence, then, silicon is said to have a valence 1 of 4 
and each hydrogen atom a valence of 1.* It obviously is impos- 
sible, however, to say that either kind of atom has a positive* or 
a negative valence. To distinguish between this typo of valence 
and the positive and negative valences exhibited in the reaction 
between sodium and chlorine, it is customary to speak of this 
type of valence as covalence and of the other as elcctrovaloncc. 

As might be expected from the fact that the element carbon 
also is in Group IV of the periodic tablo, it is similar to silicon 
in its behavior. Both elements, but especially carbon, are 
able to share electrons not only with other kinds of elements 
but also with atoms of their own kind. Thus, long chains of 
carbon atoms appear in many carbon compounds, and the whole 
large and enormously important field of organic chemistry deals 


* In other words, when an element shares electrons, the number of pairs of 
electrons that it shares is equal numerically to its valence. It is customary, 
therefore, to speak of silicon as having a valence of 4, whereas hydrogen 
and chlorine each have a valence of 1 in compounds with silicon. 
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with carbon compounds of this type. The electronic arrange- 
ments in simple compounds of carbon and hydrogen are illus- 
trated in Fig. 4. From these structures it is easy to see that 
many compounds of hydrogen and carbon are possible; and it 
other elements are added also, the possible number of carbon 
compounds becomes almost endless. 

In the case of the compounds of silicon it will be recalled that 
each atom involved in the reaction contributed one of the 
electrons of each pair holding the atoms together in the com- 
pound. The resulting bonds in these cases were of the purely 
covalent type. A study of the structure of 
sulfuric acid, however, shows that such is 
often not the case. The structure usually 
suggested as representing the molecule of 
sulfuric acid shows it as consisting of a sulfur 
atom surrounded by four oxygen atoms, 
through two of which two hydrogen atoms 
are attached to the group. Figure 5 shows 
the probable manner in which all these 
atoms are linked. The valence electrons 
of the 4 sulfur and hydrogen atoms are 
represented by crosses; those of oxygen, by 
dots. It will be noticed that two of the atoms of oxygen appar- 
ently attach themselves each to a pair of electrons furnished 
entirely by the sulfur atom. Without contributing any electrons 
whatsoever to the sulfur, each of these two oxygen atoms appro- 
priates a share in a pair of the electrons of the sulfur, thus 
completing its own octet and assuming the inert gas configuration 
needed to give it stability.* On the other hand, each of the 



Fig. 5 — Covalent 
and cootdinate bonds 
in the sulfuric acid 
molecule. 


* Such apparently parasitical behavior is far from uncommon; unattached 
electron pairs on atoms seemingly are very readily shared with atoms need- 
ing one or more pairs of electrons to give them their inert-gas configurations. 
This type of bond is usually called a coordinate bond 

For example, m the compound NH S the nitrogen atom has one unused 
pair of electrons. When this substance is brought into contact with an acid, 
the hydrogen ion from the acid reacts with the ammonia in the following 
way: 


H 

:N:H + H + 

H 


" H ^ + 
H:N:H 
H 
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other two oxygen atoms exchanges a share in one of its electrons 
for a share in one of the remaining two electrons of the sulfur 
atom; i.e. } each of these two oxygen atoms attaches itself to 
the sulfur through a shared electron pair. This completes the 
octet for the sulfur atom but gives each of the two oxygen 
atoms only seven electrons. The eighth electron for each is 
obtained from a hydrogen atom, which is thus attached to the 
oxygen atom through a shared electron pair. An interesting 
fact is connected with this oxygen-to-hydrogen linkage, however. 
Although the shared electron pair seems to be similar to that 
which links this same oxygen atom to the sulfur, actually there 
is a great difference in the strengths of the two bonds. That 
between the sulfur and oxygen is very strong; but under the 
proper conditions the bond between the hydrogen and oxygen 
can be readily ruptured. When this rupture occurs, however, 
the electron from the hydrogen is loft with the oxygen, the 
hydrogen assuming under these conditions an elect rovalence of 
+ 1. When both hydrogens are lost by the molecule of sulfuric 
acid, the S0 4 group remaining is left with an electrovalence of 
— 2 (SO *“). Thus we have an example of a type of valence 
that is essentially covalence yet under the proper conditions 
assumes some of the characteristics of electro valence. 

Formerly, compounds in which the atoms were joined by moans 
of electrovalence were known as polar compounds , and those held 
together by covalence were known as nonpolar. These two 
terms, however, are more properly used to distinguish between 
compounds on the basis of entirely different characteristics. 
Let us illustrate this by comparing the compounds chloroform, 
CHCI3, and carbon tetrachloride, OCh. The electronic struc- 
tures of these two compounds are shown in Fig. 0. Although, 
as has been mentioned in an earlier section, a mechanical pictures 
such as this is not accurate, a study of these diagrams leads to 
conclusions that have been quite closely verified experimentally. 
It will be noticed in the diagram for CHC1 3 that there is an 

or, as normally written, 

NH 3 + H + -»NH 4 * 

Such reactions as these, as well as other illustrations of coordinate valence, 
will be discussed later in the chapter on complex ions. 
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unbalance in the arrangement of the electrical charges in the 
molecule. At one side is the hydrogen atom with its proton, 
and in the rest of the molecule are accumulated most of the 
electrons. The result is that one portion of the molecule is 
slightly negative with respect to the other portion. For all 
practical purposes this yields a structure with a positive and a 
negative charge, the two charges being separated by a very small 
but appreciable distance. Whenever a body has one side nega- 



• • • • 

Chloroform Carbon tetrachloride 

(Polar) (Nonpolar) 


Fig. 6. — Election arrangements in typical polai and nonpolar molecules 

tively charged and the other side positively charged, it is said 
to be a dipole , the strength of the dipole depending upon the 
distance between the centers of the two charges and upon the 
magnitude of the charges. A molecule that acts as a dipole is 
said to possess an electric moment , and the molecule is properly 
classified as a polar molecule. Carbon tetrachloride, CCI4, 
on the other hand, is entirely symmetrical. Possessing no 
unbalanced arrangement, it has no electric moment and is 
classified as a nonpolar molecule. 

Many molecules that at first glance would seem to be nonpolar 
are actually quite polar. Water, for example, would be a sym- 
metrical molecule if the hydrogen atoms lay in a straight line 
with the oxygen atom and on either side of it. Actually, the 
molecule is angular, the oxygen being at the apex of the angle 
and the hydrogen atoms lying on the sides of the angle. The 
result is again an unbalanced arrangement that makes the 
molecule highly polar. The molecule of sulfur dioxide, SO2, 
is similar to that of water in the arrangement of its atoms; con- 
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sequcntly, this compound likewise has a high electric moment. 
Carbon dioxide, on the other hand, is nonpolar. 

Solids; Ionic and Molecular Crystals. It will be recalled 
from general chemistry that studies of the physical character- 
istics of crystalline solids, particularly of their X-ray diffraction 
patterns, have given us a fairly clear picture of the arrangement 
of atoms within the crystal. Just as differences have been found 
in types of valence bonds, so have differences been found in the 
types of arrangement of atoms in crystals. 

Figure 7 illustrates the arrangement of the ions in a crystal of 
sodium chloride. It will be noticed that each sodium ion (black 



Fig. 7. — Crystal lattice of sodium clilonde. 

dots) is surrounded by six chloride ions (circles), all equally 
distant from the sodium ion. Similarly, each chloride ion is 
surrounded by six sodium ions, all equally distant from the 
chloride ion. Obviously, no one pair of ions of sodium and 
chlorine can be differentiated from the group as belonging to 
one molecule, i.e., as being bound to each other exclusively. 
The sodium chloride crystal, therefore, has an ionic lattice. 
Instead of being made up of molecules, it consists of alternate 
positive and negative ions, the electrostatic valence' forces 
holding the respective ions within the crystal lattice but not 
holding them together in the form of molecules. 

Substances such as carbon tetrachloride have crystalline 
structures quite different from that of sodium chloride. In 
carbon tetrachloride the arrangement of atoms in the crystal is 
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definitely molecular. Each carbon atom is closely surrounded 
by four chlorine atoms, and their arrangement is such that the 
atoms comprising each molecule are easily identified. In this 
case, the structural unit of the crystal is the molecule. 

Chemical Equilibrium. A review of some of the chemical 
reactions studied in general chemistry shows that many are of 
the so-called reversible type. For example, in the Haber process 
for producing ammonia, the reaction 

N 2 + 3H 2 — > 2NH 3 (1) 

is used. On the other hand, one convenient source of hydrogen 
(contaminated, of course, with nitrogen) is ammonia, which, if 
passed over a red-hot metallic coil, decomposes to give nitrogen 
and hydrogen: 

2NII 3 -> N 2 + 3H 2 (2) 

Again, it is possible at high temperatures to have iron react 
with steam to form iron oxide and hydrogen : 

3Fe + 4H 2 0 -> Fe 3 0 4 + 4H 2 (3) 

or to have iron oxide react with hydrogen to form iron and steam : 

Fe 3 0 4 + 4H 2 -> 3Fe + 4II 2 0 (4) 

It was pointed out in general chemistry that if any of these 
reversible reactions arc carried out in a closed container so the 
products of the reaction cannot escape, the resulting mixture 
soon reaches an equilibrium , i.e., a condition in which the relative 
proportions of the various constituents of the mixture remain 
unchanged. In other words, if reaction (1) is performed in a 
sealed container at about 500°C. and the temperature is kept 
constant, at first ammonia is produced rapidly. As time passes, 
however, the concentration of ammonia increases more and more 
slowly, finally becoming constant. Although a large proportion 
of N 2 and H 2 is still mixed with the ammonia in the container, 
a longer time will not result in a higher percentage of ammonia 
in the mixture. The mixture is then said to be at equilibrium. 

Only reversible reactions can establish equilibriums, and all 
reversible reactions are capable of so doing. Few chemical 
reactions are entirely irreversible, though in many cases the 
equilibrium mixture may contain but a small or even negligible 
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proportion of the original reactants. For this reason every 
chemist must understand not only the reasons for the existence 
of equilibriums but also the factors that influence the point at 
which equilibrium will be established, i.c., the relative propor- 
tions of products and reactants when equilibrium has been 
established. 

Perhaps the broadest rule ever expressed regarding the behavioi 
of equilibriums under changing conditions is the principle of 
Le Chatelier, which may be stated as follows: //, to a system at 
equilibrium , a stress is applied , the equilibrium will shift in suck 
direction as to relieve or partially remove the stress. In chemical 
reactions this stress usually takes the form of changes in con- 
centration, temperature , or pressure. The effect- of applying these 
stresses to systems at equilibrium will now be considered in 
detail. 

It becomes obvious that since an equilibrium is set up only by 
reversible reactions, the relative rates of the two reactions 
involved must be the controlling factor in the final equilibrium. 
To illustrate, let us use the reactions 

1I 2 + Br 2 — > 2HBr (5) 

2HBr -> H 2 + Br 2 (0) 

Writing these in the usual way for reversible reactions [reaction 
(6) is the reverse of reaction (5)], we obtain 

( 5 ) 

H 2 + Br 2 ^ 2IIBr (7) 

( 6 ) 

By definition, the conditions necessary for a chemical equilibrium 
are the existence of two opposing reactions, each undoing what 
the other is trying to do, and the occurrence of these two reactions 
at exactly the same rate. In other words, at equilibrium in 
reaction (7), reaction (5) will be producing HBr at exactly the 
same rate that reaction (6) is decomposing it. 

Obviously, therefore, anything that would affect unequally 
the rates of these reactions would affect the equilibrium point 
finally established by the mixture. It will be recalled that the 
principal factors that fix the rate of any chemical reaction are 
(1) changes in the temperature at which the reaction is taking 
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place, (2) the use of a catalyst, and (3) changes in the concentra- 
tion, of any of the reactants. Let us consider the probable 
effect of each of these on the equilibrium point of the foregoing 
reactions. 

The general rule for the effect of temperature on the rate of 
chemical changes is that an increase of 10°C. will double the 
rate of any chemical reaction. This is only approximate, 
however, and the two reactions involved in any one equilibrium 
are seldom if ever affected to the same extent. In the case of 
the hydrogen bromide equilibrium, the temperature effect on 
reaction (6) is greater than that on reaction (5). In other words, 
although the rates of both reactions are increased when the 
temperature of the mixture is raised, rate (6) is increased more 
than rate (5). The net effect, therefore, is that equilibrium 
will be attained more rapidly at higher temperatures but the 
yield of HBr will be smaller. On the other hand, in the decom- 
position of ammonia to form nitrogen and hydrogen, 

( 2 ) 

2NH 3 N 2 + 3II 2 (8) 

( 1 ) 

reaction (2) is more influenced by temperature than reaction (1). 
Consequently, at higher temperatures equilibrium will be 
established with less NH 3 and more N 2 and H 2 in the mixture 
than would be the case at lower temperatures. 

If one investigates these reactions more closely, it is found 
that in the NH 3 equilibrium, reaction (1) is exothermic (i.e., 
gives off heat) whereas reaction (2) is endothermic (absorbs heat) . 
Similarly, in the IIBr equilibrium, reaction (5) is exothermic and 
reaction (6) is endothermic. Studies of these and other chemical 
reactions, therefore, suggest the rule that endothermic reactions 
are influenced more by changes in temperature than are exother- 
mic reactions. Consequently, the effect of increasing tempera- 
ture on these reactions would be to shift the equilibriums in the 
direction of decomposing the NH 3 and HBr, i.e., the direction 
that would absorb heat. This is exactly what the principle of 
Le Chatelier would lead one to expect, as the absorption of heat 
would tend to oppose the rise in temperature. 

The effect of catalysts on the rate of chemical reactions is well 
known to every student of chemistry. The characteristics of a 
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positive catalyst for any reaction are that it speeds up the 
chemical reaction but that at the end of the reaction the* catalyst 
may be obtained once more. In the case of reversible reactions, 
however, the effect of a catalyst is peculiar, in that both reactions 
are influenced equally . For example, platinum acts as a catalyst 
to hasten the decomposition of ammonia to form nitrogen and 
hydrogen [reaction (2)J, but it acts as an equally effective catalyst 
for the preparation of ammonia from nitrogen and hydrogen 
[reaction (1)]. The result is that the addition of a positive 
catalyst shortens the time required for attainment of equilibrium 
but has no effect on the relative amounts of nitrogen, hydrogen, 
and ammonia in the final equilibrium mixture. The equilibrium 
point is the same when equilibrium is attained, whether the 
catalyst was used or not. This generalization applies in the 
case of all equilibrium reactions, regardless of the nature of 
the reactants or that of the catalyst used.* 

The third factor to be considered is concentration . The effect 
of concentration on the rate of chemical reactions is best sum- 
marized in a very important law, the law of mass action , which 
in its simplest form states that the rate of any chemical reaction 
is directly proportional to the concentrations of the reacting i sub- 
stances. Consider the reaction for the production of ammonia 
from nitrogen and hydrogen : 

( 1 ) 

N* + 3H 2 ^ 2NH 3 (9) 

( 2 ) 

It will be recalled that if the mixture is at equilibrium, the rate 
ri of reaction (1) must be exactly equal to the rate r 2 of reaction 
(2). Now suppose that at this moment the concentration of 
nitrogen is suddenly increased. At once, according to the law 
of mass action, the rate of formation of ammonia [reaction (1)] 
is increased and thus becomes greater than its rate of decomposi- 
tion [reaction (2)]. This will result in an increase in the con- 
centration of ammonia. However, as the concentration of 

* It must be remembered that when one speaks of the effect produced by 
changing one factor, it is assumed that all other factors remain constant 
throughout. To change two factors at once would mean that a qualitative 
treatment would not be enough unless both factors operated to cause a shift 
in the same direction. 
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ammonia increases, the rate of reaction (2) will increase; and 
as nitrogen and hydrogen are used up to produce the increased 
amount of ammonia, reaction (1) will slow down until the two 
rates once more become equal, i.e., equilibrium is once more 
established. At this new equilibrium point the mixture will 
contain more ammonia than in the starting equilibrium mixture. 
It can therefore be said that by increasing the concentration 
of nitrogen, the equilibrium was shifted to the right, i.e., in the 
direction of producing ammonia. Similarly it can be shown that 
increasing the hydrogen concentration or decreasing the con- 
centration of ammonia would shift the equilibrium to the right.* 
Although only the qualitative aspects of the law of mass 
action have been considered above, the law is quantitative as 
well. Once more using the reaction for the production of 

ammonia, 

( 1 ) 

N 2 + 3H 2 ^2NH 3 (9) 

( 2 ) 

from the law of mass action it can be shown that the rate ri of 
reaction (1) and the rate r 2 of reaction (2) are given, respectively, 
by the expressions 

ri - [N 2 ][H 2 ][H 2 ][H 2 ]f (10) 

and 

r 2 cc [NH 3 ][NH 3 ] (11) 

where [N 2 ], [II 2 ], and [NH 3 ] represent the concentrations of each 
of these gases, respectively. It is true that where a propor- 

* Frequent use is made of this method of shifting equilibriums to obtain 
more complete use of a more expensive or otherwise more important reactant. 
For example, in the production of ammonia, if the concentration of nitrogen 
is increased, more of the hydrogen will be used up; i.e., when equilibrium is 
attained, less hydrogen will be left in the mixture than would otherwise be 
true. 

Similarly, if the ammonia is removed from the reaction mixture by 
liquefying it or by dissolving it in water, the reaction will be more complete. 

t It can be shown mathematically than when more than one molecule of 
the same substance is required in the balanced equation, each molecule must 
be treated as if it were a different kind of molecule. For an excellent explan- 
ation of this fact see ‘‘Qualitative Analysis and Chemical Equilibrium,” by 
Hogness and Johnson. 
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tionality sign ( « ) appears in a mathematical expression, then' 
is always a constant that, if properly incorporated in the expres- 
sion, will convert the expression to an equation. If k i and k 2 
are used for the respective constants, the expressions for the 
reaction rates become 


ri = Au[N 2 ][H 2 ] 3 (12) 

r 2 = * 2 [N1I 3 ] 2 (13) 


It will be recalled that at equilibrium, r x = r 2 . It follows then 
that at equilibrium 

A-i[N 2 ][H 2 ] 3 = k 2 [ NHa] 2 (14) 


Algebraically, this may be rearranged to give 

[NH3] 2 ki 
[N 2 ][H 2 ] 3 k 2 


(15) 


However, the result of dividing one constant by another con- 
stant is a third constant. Therefore, letting K = k\/k 2 the 
expression finally becomes 


[NII 3] 2 _ K 
[N 2 ][H 2 ] 3 ” * 


(lb) 


The constant K is known as an equilibrium constant. 

Similarly, it can be shown that the application of the law of 
mass action to the equilibrium set up for the decomposition of 
HBr 


2HBr ^ H 2 -f Br 2 


(17) 


yields, for the equilibrium constant for this reaction, the mathe- 
matical expression 


[HdfBrs] _ K 
[HBr] 2 


(18) 


The facts brought out in these two treatments may readily be 
formulated into a general expression. If the reaction between 
two substances, A and B , requires w molecules of A and x mole- 
cules of B f and the products are y molecules of C and z mole- 
cules of D } i.e.y 


wA + xB ^yC + '»D 
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the equilibrium expression 

KW* = K* 

[A]”[B]* 

is obtained. By substitution, this equation may be used to 
set up the expression for the equilibrium constant for any 
reaction. 

The principle of Le Chatelier, though not quantitative, does 
indicate qualitatively the effect on equilibriums of changes in 
concentration. In the ammonia equilibrium considered before, 

N 2 + 3H 2 ^ 2NH* (9) 

it was found that increasing the concentration of nitrogen would 
cause the equilibrium to shift to the right. In this shift, part 
of the nitrogen is used to produce ammonia. Thus the equilib- 
rium has shifted in such direction as partly to remove the stress — 
in this case, the increased concentration of nitrogen. 

Le Chatelier’ s principle leads to another interesting generaliza- 
tion in regard to reactions involving substances that are entirely 
in the gaseous state. By applying Gay-Lussac’s law of com- 
bining volumes f to the equation for the production of ammonia 

N 2 + 3H 2 — >2NH S (1) 

it will be found that if one volume of nitrogen is forced to react 
completely with hydrogen, the reaction will require three volumes 
of hydrogen and the product will be two volumes of ammonia, 
assuming that the volumes of all three gases are measured at the 
same temperature and pressure. In other words, four volumes 
of gaseous reactants (one of nitrogen and three of hydrogen) 
will produce two volumes of gaseous product. Now suppose 
that a mixture of the three gases is allowed to come to equilibrium 


* By convention, the substances in the right-hand half of the equation are 
always placed in the numerator when writing the expression for an equilib- 
rium constant. 

f This law states that in reactions involving two or more gases , the ratio 
of the volumes of the gases taking part in the reaction is expressible in small 
whole numbers. The ratio of the coefficients of the formulas of the balanced 
equation is the same as the ratio of the volumes involved. If this relation- 
ship is not remembered clearly, it is suggested that the student review this 
law in any good general chemistry text. 
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In a cylindrical container equipped with a piston and that the 
piston is then moved inward, increasing the pressure on the 
whole system . When equilibrium is once more established, it 
will be found that the proportion of ammonia has increased. 
This would be expected from Le Chatelier’s principle, since the 
shift from nitrogen and hydrogen to form more ammonia results 
in a decrease in volume — or in this case in a decrease in pressure 
to oppose the increase in pressure used to shift the equilibrium. 

If, on the other hand, the reaction 

H 2 + Br 2 ^±2HBr (7) 

is studied, it is found that two volumes of gaseous reactants 
produce two volumes of gaseous product. Consequently, chang- 
ing the pressure has no influence on this equilibrium. 

Review Questions 

1. Define: (a) qualitative analysis, ( b ) quantitative analysis, (c) electro- 
valence, ( d ) covalence, (e) coordinate valence, (}) atomic number, ( g ) posi- 
tive catalyst. 

2. Of what kinds of particles are atoms believed to be made? Give the 
known characteristics of each. 

3. Show by diagrams what happens when potassium reacts with chlorine 
to form potassium chloride. Explain, in terms of the apparent stabilities 
of different electronic arrangements, why such a reaction is believed to occur. 

4. What is the difference between a polar and a nonpolar molecule? (Jive 
two examples of each. 

5. What evidence do we have for the fact that sodium chloride is ionized 
in the solid state? 

6. What are the two chief characteristics of an equilibrium? 

7. What factors may be used to change the rate of a chemical reaction? 

8. What influence does each of the factors mentioned in Question 7 have 
upon the point of equilibrium of a reversible reaction? 

9. State Le Chatelier's principle. Give several illustrations of the pos- 
sible applications of this principle. 

10. State and explain briefly the law of mass action. 

11. In the reaction 2S0 8 + 0*^ 2SOg + heat , what would be the effect 
on the equdibrium of 

o. An increase in temperature? 

b. A decrease in the concentration of SOj? 

c. Adding a positive catalyst? 

d. Adding a negative catalvst? 

e. An increase in total pressure? 

/. A decrease in the concentration of 0 8 ? 



CHAPTER II 

SOLUTIONS 

Although a knowledge of the laws governing the behavior of 
solutions is helpful in almost any branch of chemistry, such 
knowledge is really essential in analysis, where most of the 
operations are performed with unknowns and reagents both of 
which are in solution. Most of the theories studied in qualitative 
analysis are, directly or indirectly, theories of solutions. It is 
well, therefore, to review some of the simpler concepts of solutions 
learned in earlier work and to extend this review into a study of 
some of the more advanced theories. 

A solution is a mixture of two or more substances in which 
the interspersed particles are of molecular dimensions. * A true 
solution appears, even when the eye is aided by optical instru- 
ments, to be completely homogeneous. In other words, as 
far as can be seen, a solution is completely uniform throughout 
and contains no dissimilar particles. All the components seem 
to be in the same phase. Consequently, it may be said that a 
solution is an optically homogeneous mixture. 

The components of a solution are known as the solute and the 
solvent. Although in aqueous solutions water is usually con- 
sidered the solvent, the actual determination of which component 
is the solute and which is the solvent depends upon the use to 
which the solution is to be put. For example, in a solution of 
sodium hydroxide and water the sodium hydroxide is usually 
considered the solute and the water the solvent. It will be 
noticed, however, that when one uses such a solution as a reagent, 
the sodium hydroxide is the component that enters most directly 
into any reaction in which such a solution is to take part. A 
study of this and a number of other solutions, therefore, leads 
to the conclusion that the solute may be most accurately defined 

* To say that the particles are of molecular dimensions does not mean that 
they are single molecules. They may be single molecules, clusters of a very 
few molecules (e.g., solvated molecules or ions), or parts of molecules (e.g.. 
ions). 


22 



SOLUTIONS 


23 


as the chemically more active component of a solution whereas the 
solvent is the chemically less active * component. 

Let us use the example of sugar dissolving in water and try to 
develop a mental picture of what happens during the process. 
At the first instant when the sugar is placed in the water, no 
dissolved molecules of sugar are present. At once, however, 
molecules of sugar begin leaving the surface of the solid and 
passing into the water. Once in solution the molecules move 
around through the solution in a random manner. Some of 
the dissolved molecules eventually strike the surface of the solid 
sugar; and when this happens, a few of these molecules will 
cling momentarily to the surface of the sugar. Thus, two things 
are happening during the process of preparing a sugar solution: 
(1) sugar is dissolving, and (2) sugar is precipitating. These 
two processes are each the reverse of the other, one undoing 
what the other is doing. At first the dissolving proceeds much 
more rapidly than the precipitation; for the concentration of 
dissolved sugar molecules is low, and relatively few of the mole- 
cules are returning to the surface of the original solid sugar. 
As the concentration of dissolved sugar increases, however, the 
rate of precipitation increases until eventually, if solid sugar is 
yet present, the rate of precipitation exactly equals the rate of 
dissolving. It may be said, therefore, that in this solution the 
undissolved solute is in equilibrium with dissolved solute. Such 
a solution is a saturated solution, and the concentration of solute 
in such a solution is the solubility of that solute. 

It is found that solutions can often be prepared in such a way 
that the concentration of the solute is greater than that in a 
saturated solution. Such solutions, which are known as super- 
saturated solutions, frequently appear in qualitative analysis 
and give trouble owing to the fact that the dissolved substance 
does not precipitate at the desired point in the procedure. The 
slightly soluble salts of calcium, potassium, sodium, and ammo- 
nium and the chloride of lead are especially troublesome in this 
respect. When such a situation is possible, therefore, special 

* It cannot be said generally that the solvent is the inactive component 
As will be seen later m studying the theories of electrolytes, particularly 
Bronsted’s acid-base theory, the solvent often plays an exceedingly impor- 
tant part in the reaction, even though it may not appear in the stoichiometric 
equation. 
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precautions to insure precipitation must be taken. Since any 
supersaturated solution is in an unstable condition, a number of 
devices may be employed to cause solute to precipitate and the 
solution to become merely saturated. Some of these are (1) the 
addition of a small crystal of the solute* to act as a nucleus upon 



which crystallization may occur, (2) vigorous stirring or shaking 
of the solution, and (3) rubbing the inner wall of the container 
with the tip of a stirring rod.f If crystallization is started by 
any of these devices, the first crystals formed will aid in the 
precipitation of the excess solute. 

* This is rarely employed in qualitative analysis, because the addition of 
such solute introduces that substance into the unknown and makes later 
confirmation tests for the elements in the solute undependable. 

f This apparently removes adsorbed substances from the wall of the 
vessel and exposes a clean surface upon which crystallization can occur. 
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Factors Influencing Solubility. It has been found that the 
solubility of any substance may be influenced by three factors: 
(1) the nature of the solute and solvent, (2) the temperature, 
and (3) the pressure. 

The first of these factors may be illustrated by comparing 
water, benzene, and alcohol as solvents and comparing sugar, 
sulfur, and benzene as solute's. Thus sugar is quite soluble' in 



Fia. 9.- - Solubility curves for hydrogen chloride and sulfur dioxide. 


water but is quite insoluble in benzene; paraffin is insoluble in 
water but fairly soluble in benzene; and sodium chloride is 
moderately soluble in water, but its solubility in absolute 
(anhydrous) ethyl alcohol is very low. 

The second factor, temperature , influences solubility to an 
extent and in a manner that vary with both the type of solution 
and the nature of the solute. When solutions of gases in liquids 
are considered it may be said, in general, that the solubility of a 
gas decreases with increased temperature and increases with 
decreased temperature. This rule is illustrated for slightly 
and moderately soluble gases in Fig. 8 and for the very soluble 
gases HC1 and S0 2 in Fig. 9. 
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On the other hand, the solubilities of most solids in water 
increase with increases in temperature. The extent to which the 
solubility changes with temperature, however, may be widely 
different for different solutes, and the solubilities of a few com- 



Temperature, 0 G. 

Fig. 10. — Solubility cuives for some typical solids. 

pounds actually decrease with increased temperature. In Fig. 10 
the solubility curves for a number of solids are shown. It 
will be noted that the solubility of NaCl increases only a little 
with large increases in temperature, that of KN0 3 increases 
greatly, whereas that of Ca(C 2 H 3 02)2 decreases with increases 
in temperature. 

The third factor, 'pressure , has no significant effect on the 
solubility of solids, but an increase in the pressure of a gaseous 
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solute increases its solubility in liquids. * The relationship 
between the partial pressure, p, of the gas, and the solubility, S 
(in grams per unit quantity of solvent), is quantitative for many 
gases and is expressed by Henry's law, which states that the 
solubility of a gas is directly proportional to the partial pressure 
of the gas in the free space above the solution. Mathematically 
this law is 


— = K, or S = Kp 
V 

where K is a constant which is characteristic of the solute and 
solvent, and of the temperature. 

Henry's law is fairly accurate for solutions in which there is no 
reaction between solute and solvent, if the pressures considered 
are not greater than 1 atm. For greater pressures, however, 
deviations from this law become much greater; and for aqueous 
solutions of such gases as NH 3 , C0 2 , S() 2 , and HC1, which react 
with water, the law is not at all dependable, f 

Distribution Ratios. When alcohol and water are mixed, it is 
found that either will dissolve in the other in all proportions. 
The same is true of glycerin and water, of benzene and carbon 
tetrachloride, and of many other combinations of liquids. In 
such cases the liquids are said to be miscible in all proportions. 
On the other hand, a few drops of ether will dissolve in a much 


* It should be noted that this rule holds only if the solubility of the gas 
is expressed in terms of the weight of solute m a fixed quantity of solvent. 
Since the volume occupied by a given weight of gas is inversely proportional 
to the pressure, for those gases which obey Henry’s law the volume of the gas 
that will dissolve m a fixed quantity of solvent is independent of pressure. 

f It should be remembered that Henry's law expresses the relationship of 
the concentration of the dissolved gas to the pressure of undissolved gas. If 
some of the dissolved gas reacts with the solvent to form a new substance, 
thus removing the dissolved solute molecules , it is a natural consequence of 
Le Chatelier’s principle that more of the gas would dissolve to take the 
place of those molecules which have been removed. C Consequently, gases 
exhibit unusually high solubilities in solvents with which they react. Sulfur 
dioxide, which reacts with water as follows, 

S0 2 + H 2 0 ^ HsSO, 


is an example of one such gas. 
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larger volume of water, and a few drops of water will readily 
dissolve in a much larger volume of ether; however, if anything 
like equal volumes of the two liquids are mixed, two layers will 
form, one being ether saturated with water, the other being water 
saturated with ether.* Such liquids are evidently only partially 
miscible. Still other pairs of liquids are so insoluble in each 
other as to be classed as immiscible. Among such liquid pairs 
are benzene and water and carbon tetrachloride and water. 

Although a study of all the properties of pairs of immiscible 
liquids does not come within the scope of this work, one property 
is so useful that a discussion of it and its application is essential. 
This property deals with the distribution of a solute between two 
immiscible liquids that are in contact with each other. To 
illustrate this, suppose that one shakes a solution of iodine in 
water with an equal volume of CS2. If the two liquids remain 
in contact with each other sufficiently long, an equilibrium will 
be attained between the J2 in the water and that in the CS2, i.e. y 

I- 2 (water) T l2(CS2) 

An application of the law of mass action to this equilibrium yields 
the following relationship: 

Concentration of I2 in CS2 __ ^ 

Concentration of I2 in water 

In other words, when equilibrium has been attained, the ratio of 
the concentrations of the solute in the two solvents will equal a 
constant. The constant for this particular equilibrium is about 
400 ; therefore, when a solution of I2 in water is shaken with an 
equal volume of CS2, most of the I 2 will dissolve into the CS2, 
leaving, at equilibrium, only a very small amount of 1 2 in the 
water. By repeated treatments each using small portions of 
CS2, all but insignificant quantities of I 2 can be removed from 
an aqueous solution. Such a process, known as extraction , is 
widely used in chemical processes for the separation of products 
from other undesirable substances with which they may be in 


* At 25°C., 100 g. of ether will dissolve 1.26 g. of water, while 100 g of 
water will dissolve 6.0 g. of ether. 
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solution. In qualitative analysis, extractions arc often used to 
make tests for dissolved substances more sensitive and specific. * 

The relationship illustrated holds true for any pair of immis- 
cible liquids and for any other solute, provided the solute has 
the same molecular weight in both solvents. If the solute 
ionizes, associates, or solvatesf in one of the solvents, this simple 
relationship does not fit the observed facts; more complicated 
mathematical relationships must be used in such cases. 

In those cases where the solubility of the solute in each solvent, 
taken separately, is very low, the distribution coefficient is equal 
to the ratio of these solubilities. Thus, if Si is the solubility of 
a given solute in one solvent and S 2 is its solubility in the other, 


Such is not the case, however, where the solubilities in the sepa- 
rate solvents are great; for in more concentrated solutions, other 
factors destroy the accuracy of this relationship. 

Concentration Units. Although frequent mention has been 
made of the variability of concentrations in solutions, little has 
thus far been said of the units in which concentrations may be 
expressed. There are a number of ways of expressing concen- 
trations: in grams per 100 ml. of solvent, in grams per liter of 
solvent or of solution, in grams per 100 g. of solvent or of solution, 
in parts per million by weight, in moles per liter (molarity), and 
in gram-equivalent weights per liter (normality). All these and 
others are used in different branches of work; but perhaps the 
most useful of all to the chemist are the molarities or the normali- 
ties of solutions. 


* An example is the use of CC1 4 or CS 2 to extract I 2 or Br 2 from aqueous 
solutions in testing for iodides or bromides. An oxidizing agent is first 
added to the aqueous solution to set free the I 2 or Br 2 ; then the mixture is 
shaken with a very small volume of either OS 2 or CC1«. Most of the 
halogen dissolves in the nonaqueous liquid; and owing to its greater con- 
centration and consequent greater depth of color in this solvent, the halogen 
is easily seen and recognized. 

f Solvation is the term applied to any reaction in which solute molecules 
combine with one or more solvent molecules. When they are dissolved in 
water, the molecules of many substances react with water to form hydrates. 
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A molar solution is one that contains 1 mole (a gram-molecular 
weight) of solute in each liter of solution .* Thus, to prepare a 
liter of a IM solution of Na 2 S0 4 one would dissolve 142 g. of the 
solid in water and then dilute the resulting solution until the 
whole had a volume of exactly 1 liter, f If a volume of solution 
smaller than 1 liter is to be prepared, the proportionate quantity 
of solute is required. To illustrate, 1 liter of 1M sucrose, 
C 12 H 22 O 11 , solution would be prepared by dissolving 342.17 g. 
of the solute in water and diluting it to a volume of 1 liter. If 
only 250 ml. of the 1 M solution were to be prepared, the weight 
required could be determined by proportion: 

Milliliters needed _ weight needed 

1000 ml. gram-molecular weight 

250 _ z 
’* 1000 342.17 

250 

‘ * X = 1000 * 342.17 = 85.54 g. of sucrose needed 

This weight of sugar, then, should be dissolved in water, and the 
solution diluted to a volume of 250 ml. in a 250-ml. volumetric 
flask. 

Concentrations greater or less than those represented by lilf 
solutions are obtained by using more or less of the solute to 
prepare each liter of solution. A half-molar (0.5M) solution 
contains 0.5 mole of solute in each liter of solution; a 0.23 M 
solution contains 0.23 mole per liter of solution; and a 1.42AT 
solution contains 1.42 moles per liter of solution. 


* It is true that many substances such as NaCl do not exist m molecular 
form either in the solid or in the dissolved state. Instead of speaking of the 
molecular weights of such substances, therefore, it would be more correct to 
speak of their formula weight . For convenience, however, the term gram- 
molecular weight will be used in this book, unless it seems essential to use the 
other term for special cases. 

t In preparing such solutions use is generally made of volumetric flasks , 
which are flasks calibrated to contam a definite volume of liquid when they 
are filled exactly to a specified level marked by a ring etched around the neck 
of the flask. For greatest accuracy, the liquid should be measured at the 
temperature at which the flask was calibrated. This temperature, which is 
always indicated on the side of the flask, is 20°C. for most apparatus made in 
the United States. 
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Problem 1. Suppose that it is desired to prepare 230 ml. of a 0.124/ 
solution of CuSO* 5H 2 0. 

a. Calculate the weight of solute required to make 1 liter of 1 4/ solution. 
This is, by definition, 1 mole of solute, or 

Oil - 03 57 10H - 10 08 

S - 32 06 5(0) - 80 00 

4(0) = 64 00 


The total is 249.71; consequently, for 1 liter of 1 4/ solution, 249 71 g of 
CuS 04 5H 2 0 would be required. 

b. Next, using the information obtained m (a), calculate the weight of 
solute required to make 230 ml of a 14/ solution Since only 230 ml. of 
solution is needed, and since 1 liter (1000 ml ) of the solution would contain 
249.7 g , the weight of solute required can be calculated from the proportion 


230 

1000 

x = 


X 


249.7 

230 

1000 


X 249 7 


57.43 g. 


of CuS0 4 '5H 2 0 would be needed to prepare 230 ml of a l 4/ solution. 

c. Finally, using the information obtained in (5), calculate the quantity 
of solute required to prepare 230 ml of a 0 124/ solution. Since a 0.1247 
solution is only 0 12 as concentrated as a 14/ solution, and since 230 ml of a 
14/ solution required 57 13 g. of C 11 SO 45 H 2 O, then 230 ml. of a 0.124/ 
solution would require the use of 

0.12 X 57 43 - 0 891 g 

of the salt.* 

Problem 2. Suppose that one is given a solution containing 24 g. of 
Na 2 C03 in 460 ml. of solution. What is the molar concentration of tho 
solution? 

a As in Problem 1, first calculate the weight of Na 2 r0 8 required to make 
l liter of 14/ solution. This is 1 mole, or 106 g 

b. Next, calculate what weight of NaaCCb would bo present in 1 liter 
(1000 ml.) of a solution of the given concentration. This is best solved 
by proportion: 

21 460 

x 1000 
/. x = 52 174 g. 


* Problems of this type may be worked using the logical steps outlined 
above. Sometimes, however, it may be desirable to use the following 
formula for such calculations 

r _ v X W X 4f 
1000 

where G is the weight in grams of solute required to make V ml. of solution of 
molarity Af, and W is the molecular weight of the solute. 
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c. Finally, calculate the molarity of the solution by dividing the actual 
weight of solute per liter by the weight of solute in 1 liter of a \M solution * 

52 174 -i- 106 = 0A92M* 

Problem 3. What volume of 1 AM Ba01 2 2H 2 0 could be made from 150 g 
of the salt? 

a. As in the earlier problems, first calculate the weight of solute needed 
to make 1 liter of a \M solution. Again this is 1 mole, or 244 3 g, of 

BaCl 2 21I 2 0 

b. Next, calculate the weight of solute required to make 1 liter of 1.4M 
solution This will be 

(1.1) (244 3) = 342 0 g. for 1 liter of 1 AM solution 

c From the answer in 5, calculate the weight of solute required for each 
milliliter of a 1 AM solution. 

This is 

342 0 -s- 1000 ® 0.342 g per milliliter 

(l Finally, divide the weight of solute available by the weight of solute 
required for each milliliter of 1 AM solution. This will give as the number 
of milliliters of solution to be prepared 

150 0 342 = 438 6 ml. 

A normal (1 N) solution is a solution that contains 1 gram- 
equivalent weight of solute in each liter of solution. A 2 N solution 
contains 2 gram-equivalent weights of solute per liter of solution, 
and a 0.2AT solution contains 0.2 gram-equivalent weight of 
solute per liter of solution. 

The term gram-equivalent weight requires discussion. In the 
first place, it is important to understand that the equivalent 
weights of many compounds depend upon the use to which the 
compound is to be put. For example, let us consider the com- 


* The formula mentioned in the earlier footnote may be used here also. 
By algebraic manipulation, the formula 


Cr 


V X IF X M 

1000 


may be rearranged to 


M - 


1000G 

v x ir 


By substitution of the values given in this problem, one obtains 


(1000) (24) 
" (460) (106) 


0.492M 
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pound NaAl(S0 4 ) 2 . As a reagent, this substance may be used 
as a source of sodium, aluminum, or sulfate. If it is bejng used 
to supply sodium, the gram-equivalent weight is the same as the 
gram-molecular weight. On the other hand, as a source of 
aluminum, the gram-equivalent weight equals one-third of the 
gram-molecular weight; while as a source of sulfate radicals, the 
gram-equivalent weight is one-fourtli of the gram-molecular 
weight. In general, for double decomposition reactions, the 
gram-equivalent weight of a compound is obtained by dividing 
its gram-molecular weight by the total number of valences repre- 
sented by the radical of which it is to serve as a source. * Thus in 
the compound Fc(NH 4 ) 2 (S0 4 ) 2 , two valences are furnished by 
the iron, IV + ; two (one for each) by the ammonium, Nl! 4 4 ; 
and four (two each) by the sulfate radicals, S(>i ’. Hence, if the 
compound is used as a souice of either iron or ammonium in a 
double decomposition reaction, the gram-equivalent weight is 
half of the gram-molecular weight; if as a source of sulfate 
radicals, it is one-fourth of the gram-molecular weight. 

Problems involving weights of solute, volume, and normality 
are calculated in a way comparable* to the method used in solving 
corresponding problems involving molarity. The one important 
difference is that the gram-equivalent weight is used instead of 
the gram-molccular weight. 

Problem 4. What weight of NaHS0 4 would he required to prepare 700 ml. 
of a solution 0 SN with respect to sulfate? 

a First determine the gram-equivalent weight of NaHS0 4 with respect to 
sulfate Since the valence of the sulfate radical is 2, the gram-equivalent 
weight is half the gram-molecular weight: 

23 + 1 + 32 + 4(16) _ _ w 


* For oxidation-reduction reactions the gram-equivalent weight is 
obtained by dividing the gram-molecular weight by the change m valence 
undergone by that element in the compound being oxidised or reduced. 
Thus in the reaction between KMn0 4 and HN0 2 , the manganese is reduced 
from a valence of +7 to a valence of +2, and the nitrogen is oxidized from 
+3 to +5. Consequently the gram-equivalent weight of KMnO* is one- 
fifth the gram-molecular weight, while that of HN0 2 is one-half the gram- 
molecular weight. 

A more complete understanding of this will be gained during the study 
of the chapter on Oxidation-reduction Reactions. 
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Therefore, if 60 g. of NallSCh is dissolved in enough water to make exactly 
1 liter of solution, the solution will be IN with respect to sulfate. 

b. The* concent rat ion desired is, however, not IN but 0 ZN Conse- 
quently, it is necessary to find the weight of solute required for 1 liter of a 
0.3-/V solution. This is 

0 3 X 60 = 18 g for 1 liter 

c. Finally, since 18 g of solute was required to prepare 1 liter (1000 ml.) 
of the solution, the weight of solute required for 700 ml of 0 SN solution 
may be calculated from the proportion 

700 
1000 

x 

This and similar problems involving normality, volume, and 
weight of solute may be solved using a formula similar to that 
employed for the same type of problems involving molarity. 
It will be recalled that that equation was 

VXWXM 

1000 

Now if in this equation W is changed to E and M is changed to 
N f there is obtained the equation 

VXEXN 
7 ' 1000 

where G is the weight in grams of solute required to make V ml. 
of a solution of N normality and E is the gram-equivalent weight 
of the solute. 

A very convenient form of this equation is obtained by using 
milliequivalents (one-thousandth of the gram-equivalent weight) 
instead of gram-equivalent weights. The milliequivalent weight, 
e, is found by means of the equation 

E 

e 1000 

Substituting e in the original expression gives 



G = VNe 
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This last expression can be rearranged algebraically for use in 
calculating the normality of a solution when the weight of solute 
G in V ml. of the solution is given : 


N = 


_C 

Ve 


or for calculating the number of milliliters V of solution of 
normality N that can be prepared from G g. of solute: 


V = 


G_ 

Ne 


The expression of concentrations in terms of normality is 
especially useful to the chemist in quantitative work. If solu- 
tions of two substances that are capable of reacting with each 
other are mixed, the relationship between their normal concen- 
trations and the volumes required of each for the reaction is 
expressible by the inverse proportion 

N ± V* 

N* Vi 


or 


Ni X 7! = N 2 X V 2 

where N 1 and V\ are the normality and volume, respectively, of 
one of the solutions and N 2 and V 2 are the normality and volume 
of the other solution. This same equation may be used to 
calculate how to dilute a solution of a specified normality to one 
of a given lower normality. The main typos of calculations 
involving this equation are illustrated in the following problems. 

Problem 5 What volume of 0 244 N H 2 SO 4 would be required to neu- 
tralize 65 ml. of 0.52 N NaOH? 

To solve this problem use the equation 

Ni X Vi - iV 2 X V z 

Let N 1 and Vi refer to the normality and volume of the acid and N 2 and 
Vi refer to the normality and volume of the base. Then by substituting in 
this expression, obtain 


0 244 Fi * 0.52 X 65 
/. Vi - 138.52 ml. 
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Problem 6 How should one dilute a 0 35 N solution of HC1 if it is desired 
to prepare from it 210 nil. of 0.1 iV HC1? 

To solve this, again use the formula 

Ni x Vi - n 2 x v 2 

this time letting N i and Vi refer to the original acid and N 2 and V 2 refer to 

the final diluted acid 

Then 


0 35Fi = 0 1 X 210 
Vi = 60 ml 

Consequently, it would be necessary to take 60 ml. of the 0.35 A acid and 
dilute it to a volume of 210 ml. 

Colligative Properties of Solutions. Some of the physical 
as well as all the chemical properties of a solution depend upon 
the kind and also the number of particles present in the solution. 
Certain of the physical properties, however, are dependent only 
upon the number of particles present. Such properties are called 
colligative properties. 

If 0.01 mole of any nonvolatile nonolectrolytc* is dissolved in 
1000 g. of water,! the resulting solution is found to have a boiling 
point of 100.0052°C. and a freezing point of — 0.0186°C. In 
other words, by adding 0.01 mole of solute to 1000 g. of water, 
the boiling point of water is raised 0.0052°C. and its freezing 
point is lowered 0.018G°C. If a 0.02 molal solution is used 
instead of the 0.01 molal solution, the indicated changes will be 
twice as great and, if 0.05 molal, five times as great. If these 
same relationships exist at all concentrations, the elevation in 
boiling point produced by dissolving 1 mole of a nonelectrolyte 
in 1000 g. of water should be 0.52°C. and the corresponding 
lowering of the freezing point should be 1.86°C. These constants, 
which are known as the molal boiling-point constant and the molal 


* For the time being, an electrolyte may be identified as any substance 
whose aqueous solution conducts electricity. Those substances whose solu- 
tions conduct well are classed as strong electrolytes; those whose solutions 
conduct but poorly are weak electrolytes; and those substances whose 
aqueous solutions do not conduct electricity are nonelectrolytes. A more 
thorough discussion of these classes will be found m the next chapter. 

f A solution made by dissolving 1 mole of solute in 1000 g. of solvent is 
known as a molal solution. The distinction between molar and molal should 
be carefully noted. 
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freezing-point constants , respectively, are true for nonelectrolytvs 
in general,* in dilute solutions (of the order of 0.01 molal); but 
in more concentrated solutions, deviations occur, the deviations 
being greater the higher the concentration. 


Table I. — Molal Freezing-point Depression for Aqueous Solutions 
of V vrious Nonelectrolytes 



Molal concentrations of solutions tested 

Solute 

! 

— — 

— 


0 01 

0 1 

1 0 

Acetone 

1 86 

1 85 

1 79 

Glycerin 

l 86 

1 87 

1 89 

Sucrose 

1 86 

l 88 

2 06 


When dilute solutions of nonelec ti olytes in nonaqueous solvents 
are tested similarly, the same type of regularity is observed. The 

* These constants are sufficiently accurate to make the use of alterations in 
boiling point or freezing point one of the most valuable methods of deter- 
mining molecular weights As a rule, however, the constants actually used 
apply to more concentrated solutions, these being for solutions m which 1 
mole of solute is dissolved m 100 g of solvent instead of 1000 g of solvent 
In such cases, the boiling-point constant for water is 5 2°(5 ; and that for 
benzene, 2G 7°C ; while the freezing-point constant for benzene is 49.0°0 
As an illustration of the application of these principles to the determi- 
nation of molecular weights, suppose that a solution of a nonelectrolyte 
made by dissolving 12 g of the solute m 20 g. of benzene is found to have 
a freezing point of —3 22°C. Since pure benzene freezes at 5 48°0., the 
addition of this solute has lowered the freezing point 8 70°C. Now, 12 g 
of solute m 20 g of benzene would be the same concentration as 60 g of 
solute in 100 g of benzene One mole of solute in 100 g of benzene would 
depress the freezing point of the benzene 49 0°C. Substituting in the 
equation 

Measured depression _ number of grams of solutejn 100 g. Rolvcnt 
Freezing-point constant “ gram-molecular weight 

one obtains 


870 

490 

x 


60 


x 


(60) (49) 
8.7 


- 338 g. 


The approximate molecular weight is, therefore, 338. 
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constants found, however, vary with the solvent. For example, 
the moial boiling-point and freezing-point constants for benzene 
are 2.43 and 5.12°C., respectively, and those for acetic acid are 
2.93 and 3.9°C., respectively. 

The addition of a solute also affects the vapor pressure of any 
solvent in which it is dissolved, the effect being to lower the vapor 
pressure of the solvent. For ideal solutions* the vapor pressure 
of the solvent is proportional to the mole fraction f of the solvent 
in the solution. This law, known as RaouWs law, may be 
expressed as 

Pa^PiX 

where P a and P h are the vapor pressures of the solvent in the 
solution and in the pure solvent, respectively, and X is the mole 
fraction of solvent in the solution. 

It has been pointed out frequently that the regular behaviors 
described apply only to solutions of nonelectrolytes. Solutions 
of electrolytes exhibit qualitatively the same types of phenomena, 
but the quantitative relationships do not hold. In general, the 


* An ideal solution would be one in which there is no reaction or tendency 
toward reaction between the solvent and solute and in which no dissociation 
or association of the components of the solution occurs. Although such 
solutions are rare, many exist that approach the ideal closely enough to 
permit important applications of this law. 

f Mole fraction is another way of expressing concentrations in solutions. 
As the term suggests, it represents the ratio of the number of moles of a 
given component to the total number of moles of all components m the solution. 
If the number of moles of the solute in a given sample of solution is repre- 
sented by N a , then 

N ^ eight o f solute in t h e sam ple 

gram-molecular weight of solute 

while if the number of moles of solvent in the sample is represented by Nb f 
then 


— weight of s ol vent in the sample 
gram-molecular weight of solvent 

From these the mole fraction X of the solvent can be calculated, using 
the equation 


X 


Na +N b 
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changes in properties produced by adding electrolytes to a 
solvent are much more pronounced than those obtained by using 
a nonelect roly to of equal molal concentration. Table II shows 
the molal freezing-point lowering constants, A7\ of water as 
determined using 0.1 molal solutions of typical electrolytes. 


Table II. — Molal Freezing-point Depression for Aqueous Solutions 
of Various Electrolytes 


Solute 

AT 

Solute 

AT 

Acetic acid 

1 90 

Calcium nitrate. . . . 

4 58 

Hydrochloric acid 

3 52 

Potassium iodide 

3 54 

Nitric acid 

3 51 

Sodium chloride 

3 48 

Barium nitrate 

4 25 

Sodium nitrate 

3 41 

( Calcium chloride 

4 83 

Sodium sill fate* 

4 34 


Although many exceptions make it unsafe to generalize too 
far,* some interesting relationships may be noted by a study 
of this table. For instance, those strong electrolytes on this 
list which contain a total of two radicals in their formulas, namely, 
HC1, HN0 3 , KI, NaC'l, and NaN() 3 , give molal freezing-point 
depressions within the range 3.41 to 3.54. In other words, strong 
electrolytes compost'd of two radicals apparently give molal 
freezing-point depressions that are close to twice as great as 
those obtained with an equal concentration of a nonelectrolyte. 
On the other hand, those having three radicals per molecule 
give depressions that are between two and three times that given 
by nonelectrolytes. The question might well be asked, there- 
fore, whether the number of radicals in the molecule is not 
related in some way to the unusually high molal freezing-point 
depression produced by electrolytes. That such a lelationship 
does exist will be shown in the next chapter. 

SUMMARY 

A solution is an optically homogeneous mixture. It is composed 
of at least two components: the solute , which is defined as the 
chemically active component of the solution, and the solvent, 
which is the chemically less active component. 


* Many electrolytes deviate widely from the values shown in this table 
for apparentlv similar compounds 
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A saturated solution is a solution in which dissolved solute is in 
equilibrium with undissolved solute. A supersaturated solution 
is one in which the concentration of solute is greater than at 
equilibrium conditions. Supersaturation is best overcome by 
adding a bit of undissolved solute, by vigorous stirring or shaking, 
or by rubbing the inner side of the container with the tip of a 
stirring rod to disturb the metastable condition and cause pre- 
cipitation of the excess solute. 

The solubility of any solute is defined as its concentration in its 
saturated solution. The solubility of a gas in a liquid decreases 
with increased temperature and increases with lower tempera- 
tures. Henry's law states that the weight of any gas that will 
dissolve in a given quantity of liquid is directly proportional to 
the pressure at which the gas is supplied. The law is quantitative 
only for pressures less than atmospheric and for solutions in 
which there is no reaction between the solute and solvent. The 
volume of any gas that dissolves in a given volume of solvent is 
independent of pressure. 

A molar solution is one that contains 1 gram-molecular weight 
of solute per liter of solution. A molal solution contains 1 mole 
of solute per 1000 g. of solvent. A normal solution contains a 
gram-equivalent weight of solute in each liter of solution. 

For double decomposition reactions, the gram-equivalent 
weight of any substance is calculated by dividing its gram- 
molecular weight by the number of valences represented in the 
molecule by the radical to be supplied by the solution when it is 
used as a reagent. 

When two or more liquids are mutually infinitely soluble, 
they are said to be miscible ; if neither is soluble in the other, 
the liquids are said to be immiscible. 

If a solute is added to two immiscible liquids in contact with 
each other, it will distribute itself between the two solvents 
according to its solubility in each. If the solute has the same 
molecular weight in both solvents, the ratio of its concentrations 
at equilibrium in the two solvents will equal a constant known 
as the distribution coefficient. The principle is used in extractions. 

A comparison of dilute solutions of nonelectrolytes shows that 
with a given solvent, the molal freezing-point depression and 
the molal boiling-point elevation are essentially the same for 
all nonelectrolytes. Electrolytes, on the other hand, cause 
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abnormally groat changes in the boiling and freezing points of 
water, different electrolytes giving widely different changes in 
such properties. Any electrolyte will produce a greater change 
in these properties than would any nonelectrolyte. 

The addition of a solute to a solvent also causes a lowering 
of the vapor pressure of the solvent. For ideal solutions, i.r., 
those in which the components do not ionize, dissociate, associate, 
or react with each other, the depression in vapor pressure of the 
solvent is proportional to the mole fraction of solute in the solu- 
tion, and the actual vapor pressure is proportional to the mole 
fraction of solvent. 


Review Questions 

1. Define: (a) solution, (b) solute, (c) solvent, (d) solubility, (e) saturated 
solution, (f) supersaturated solution, (g) miscible, (h) linimseible, (i) solva- 
tion, (j) molar solution, ( k ) molal solution, (/) normal solution, (m) gram- 
equivalent weight, (n) milliequivalent 

2. What simple test could be used to determine whether a solution of 
sodium acetate is saturated, supersaturated, or unsaturated? 

3. Tn what ways can the solute be forced to precipitate from a super- 
saturated solution? 

4. What factors influence the solubility of a solid in a liquid? Explain 
the effect of each. 

6. State Henry’s law What are the limitations of this law? 

6. What effect does temperature have upon the solubilities of gases in 
liquids? 

7. Explain briefly the law regarding the distribution of solutes between 
two immiscible liquids What limitations does this law have? 

8. What relationship exists between the solubilities of a solute in each of 
two immiscible liquids and the distribution constant of that solute? What 
limitations does this rule have? 

9. What is meant by extraction? What practical use is made of 
extractions? 

10. State and briefly explain Uaoult’s law 

11. What is a nonelectrolyte? An electrolyte? Give examples of each 

12. What general statements can be made in regard to the molal boiling- 
point and freezing-point constants of aqueous solutions of nonelectrolytes? 
Of electrolytes? 

13. Of what use are the terms molal , molar , and normal in qualitative 
analysis? In quantitative analysis? 

Problems 

1. What weight of each of the following substances would be required 
to prepare 240 ml. of 0.1 8M solution? 
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(a) Ba(N0 3 ) 2 (6) FeCl*. (c) Na 2 S0 4 10H 2 O 

(d) Fb(C*H,O a ), 3H 2 0. (e) KHCO, (/) NaAl(S0 4 ) 2 . 

Answers : (a) 1 1 29 g (c) 13 91 g (e) 4 32 g 

2 . What weight of solute would he present m 150 ml. of a 0 5 M solution of 

(a) BaCl 2 2H 2 0? ( b ) Na 2 C0 3 ? (c) KNO a ? (d) Cu(N0 3 ) 2 ? 

Answer: (a) 18.31 g. 

3. What volume of 0.1 M NaCl solution could he prepared from 25 g of 
NaCl? 

Answer: 4 27 liters. 

4 . What volume of 

(а) 0 15M solution could he made from 10 g. of Na 2 S 2 0 3 5H 2 0? 

(б) 3 2 M solution could be made from 50 g of NH 4 Cl? 

(c) 0 8 M solution could he made from 100 g of NiC1 2 ? 

B. What weight of each of the following would he required to prepare 
250 ml. of a solution of 

(а) K 2 Cr0 4 , which is 0 2N with respect to potassium? 

(б) NaH 2 P0 4 , which is 0.3iV with respect to sodium? 

(c) NaH 2 P0 4 , which is 1.5 N with respect to phosphate? 

Answer: (a) 4 855 g. 

6. What is the normality of a solution that contains 40 g. of BaCl 2 2H a O 
in 200 ml. of solution? 

Answer: 1 638 N 

7. What is the normality of a solution that contains 32 g of FoNH 4 (S0 4 ) 2 - 
12H 2 0 in 400 ml. of solution, if the solution is to be used in a double decom- 
position reaction as a source of 

(a) Sulfate? (6) Tron? (c) Ammonium? 

8. What is the normality of a solution of CaCl 2 that is 10 per cent CaCl 2 
by weight and whose specific gravity (referred to water at 4°C.) is 1.084? 

Hint: What would 1 liter of solution weigh? Then what weight of solute 
would be present m 1 liter of solution? 

Answer: 1 953 N 

9 . What is the normality of a solution of HC1 if it has a specific gravity 
of 1.148 and is 29.13 per cent hydrogen chloride by weight? 

10 . What is (a) the molarity and (6) the normality of a solution of sulfuric 
acid if it has a specific gravity of 1.381 and is 48.1 per cent H2SO4 by weight? 

11 . What volume of 

(a) 1.5iV H 2 S0 4 would be required to neutralize 200 ml. of 0.3iV NaOH? 

(b) 0.52AT II 3 P0 4 would be required to neutralize 270 ml. of 0.8AT KOH? 

(c) 0.7^ BaCl 2 would be required to precipitate the sulfate in 50 ml. of 
0.32 AT Na 2 S0 4 ? 

(1 d ) 1.2 N HC1 would be required to prepare 500 ml. of 0.55N HC1? 

(e) 4.5iV NaOH would be required to prepare 3 liters of 0.75iV NaOH? 

Answers: (a) 40 ml. (c) 22.85 ml. 
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12 . What is the normality of a solution of a base if 

(a) 65.2 ml. of 0.734 ;V II 2 SO 4 is required to neutralize 75 ml. of the 
solution? 

(b) 34.8 ml. of 0.1 224 .V IICl is required to neutralize 50 ml. of the solution? 

(c) 46.3 ml. of 0.1554/V HNOj is required to neutralize 00 ml. of the 
solution? 

Answer: (a) 0.638N. 

13 . What would be the approximate molecular weight of a noneleetrolyte 
if a solution containing 

(a) 10 g. of the nonelectrolyte in 200 g. water had a boiling point of 
100.2°C.? 

(b) 15 g. of the nonelectrolyte in 320 g. of benzene had a freezing point of 
+4.2°C.? 

(c) 23 g. of the nonelectrolyte in 150 g. of water had a freezing point of 
-0.55°C.? 

Answer: (a) 130. 



CHAPTER III 


THEORIES OF IONIZATION 

Electrolytic Conduction. It was explained in the previous 
chapter that dissolving any one of the class of compounds 
known as electrolytes causes an abnormally large change in the 
boiling point and the freezing point of water. Solutions of 
electrolytes differ from those of nonelectrolytes also in that they 
are able to conduct electricity whereas solutions of nonelectrolytes 
are nonconductors. For example, suppose that two platinum 
rods ( electrodes ) are inserted in a beaker filled with very pure 
water, one of the rods being connected to the positive terminal* 
and the other being connected through an ammeter to the 
negative terminal of a battery. The ammeter will show no 
current flowing through the circuit. If alcohol, sugar, glycerin, 
or any other nonelectrolyte is added to the water, there will 
still be no flow of current. If, however, a little NaCl, NaOH, 
or any other electrolyte is added to the water, a current will 
flow at once. If IN solutions of different electrolytes arc used, it 
is found that although some, such as NaCl, HC1, and NaOH, 
allow the passage of a fairly large current of electricity, others, 
such as NH 4 OH, and HC 2 H 3 0 2 , conduct electricity much less 
readily. 

The conductivity of a solution may be expressed in terms of 
its specific, its molar, or its equivalent conductivity. Specific 
conductivity is expressed as the reciprocal of the resistance 
through a solution between two electrodes each 1 cm. square, 
parallel to each other and separated by a distance of 1 cm. 
Molar conductivity and equivalent conductivity , on the other hand, 
are measured by placing a solution containing 1 mole or 1 equiva- 
lent weight, respectively, of the solute between electrodes of 
sufficiently large area to permit the whole of the solution to be 
between the electrodes, the distance between the electrodes 
again being 1 cm. 

* This electrode is called the anode ; the electrode connected to the negative 
terminal of the battery is called the cathode. 
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Faraday’s Law. In general chemistry it was learned that the 
passage of electricity through solutions of electrolytes is always 
accompanied bv chemical reactions at t lie electrodes. For 
example, if platinum electrodes connected to a battery are 
inserted in a concentrated solution of NaCl, it is found that 
chlorine is given off at the anode (the positive electrode), whereas 
at the cathode (the negative electrode) hydrogen is produced. 
If a solution of H 2 SO 4 or of NaOH is used instead of NaCl, the 
product at the cathode is again hydrogen but that at the* anode 
is oxygen instead of chlorine. If, on the other hand, CuS <>4 
solution is used, the products are metallic copper and oxygen. 

A study of the electrolysis products of solutions such as these* 
and of the quantities of each product produced under different 
conditions led to the formulation early in the nineteenth century 
of Faraday’s law. In simple words Faraday’s law states that 
the quantity of material produced at each electrode during the 
electrolysis of a given solution is directly proportional to the quantity 
of electricity that passes through the solution. More precisely, if 
96,500 coulombs* (1 faraday) of electricity passes through 
the solution, 1 gram-equivalent weight of product will be 
produced at each electrode. For example, if 96,500 coulombs of 
electricity is passed through the solution of C 11 SO 4 to which 
reference was made earlier, 31.785 g. of copper will be deposited 
at the cathode and 8 g. of oxygen will be given off at the anode, f 

Theories of Ionization. It was pointed out in the previous 
chapter that different nonelectrolytes produce the same lowering 
in the freezing point of water if the different solutions tested 


* The coulomb is a unit of quantity of electricity, and for practical work 
the number of coulombs is calculated by multiplying the current fin amperes) 
by the time (in seconds) that the current is flowing For example, if a 
steady current of 10 amp. is allowed to flow for exactly 120 sec. (2 min.), 
1200 coulombs of electricity will have passed through the circuit. 

To get an idea of the magnitude of a faraday, it may be noted that a 
100-watt electric light bulb operating on a 110- volt line will allow the 
passage of 1 faraday (96,500 coulombs) through it if it is operated con- 
tinuously for 29 hr. 29 min. 

t Since the products are in this case elements, a gram-equivalent weight 
of each element will be formed. It will be recalled that the equivalent 
weight of an element is obtained by dividing the atomic weight of the 
element by its valence, i.e ., for copper, 63.57 -f- 2, and for oxygen, 16-4-2. 
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contain the same number of moles of solute in the same weight 
of water. Now it will be remembered from beginning chemistry 
that 1 mole of any molecular substance contains 6.03 X 10 23 
molecules. Consequently, the solutions mentioned above must 
contain equal numbers of molecules. Therefore it can be said 
that equal numbers of molecules, if dissolved in the same weight 
of water, will produce the same change in the freezing point of 
the vrater. The fact that the molecules of different nonelec- 
trolytes are, of course, different leads to an even broader state- 
ment; i.e. t the magnitude of the freezing-point lowering is 
dependent upon the number of dissolved particles and is 
independent of their nature. 

In the previous chapter it was mentioned also that the lowering 
in freezing point produced by electrolytes is always greater 
than that produced by an equal number of moles of a non- 
electrolyte. If it is considered in the light of the discussion 
in the preceding paragraph, this seems to indicate just one thing, 
namely, any electrolyte produces more particles m its solution 
than would be produced by the same number of moles of a non- 
electrolyte. This phenomenon would be readily understandable 
if some of the molecules of the electrolyte broke down into two 
or more particles. To illustrate this point, let us assume that 
100 molecules of a nonelectrolyte are dissolved in a very small 
quantity of water and that the freezing point of the resulting 
solution is found to be — 0.020°C. Now suppose also that 100 
molecules of an electrolyte are dissolved in the same amount of 
water but that the freezing point of this solution is found to 
be — 0.030°C. This phenomenon would be understandable if 
50 of the 100 molecules of electrolyte were to split into two parts; 
for then instead of 100 particles dissolved in the water, there 
would be 50 molecules and 2 X 50 (or 100) pieces of molecules — a 
total of 150 particles in the solution. Obviously, 150 particles 
should affect the freezing point half again as much as would 
100 particles. 

Reasoning of this type, based upon the observed properties of 
solutions, late in the nineteenth century led the Swedish scientist 
Arrhenius to present the first workable theory of ionization. 
Arrhenius’s theory consisted essentially of the following points: 

1. When any electrolyte is dissolved in water, some of the 
molecules break down into electrically charged particles or ions. 
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2. The conductivity of any solution is due to these ions 
and is dependent upon the number and kind of ions between 
the electrodes. 

3. In solutions of ordinary concentrations some unionized 
molecules of the electrolyte are in equilibrium with its ions. 

4. Not all electrolytes are ionized to the same extent, weak 
electrolytes being only slightly ionized whereas strong electrolytes 
are quite highly ionized. 

5. In infinitely dilute solutions, ionization of any electrolyte is 
complete. 

According to Arrhenius’s theory, therefore, when acetic acid, 
HC 2 H 3 O 2 , is dissolved in water, some of the molecules break 
up into ions, 


HC 2 H 3 0 2 -> H+- + C 2 II 3 () 2 “ 

an equilibrium quickly being set up between these ions and the 
unionized molecules in the solution, as represented by the 
expression 


HC 2 H 3 0 2 ;=± H+ + C 2 H 3 (V 

This theory can also be used to explain the mechanism of 
electrolytic conducts n. When electrodes are placed in a solu- 
tion of an electrolyte and the electrodes are connected to a 
battery, the anions are attracted to the anode and the cations 
to the cathode. At the electrodes chemical reactions occur that 
result in electrons being taken from the cathode and supplied 
to the anode.* Thus, although electrons are not transported 
from the cathode to tin; anode by “carriers,” the net effect is 
the same and a current flows in the external metallic circuit. 

Since he believed that the equivalent conductance of a particu- 
lar electrolyte at any given concentration depends upon the 
number of ions present in that solution, Arrhenius formulated 
a method of determining what proportion of the molecules are 

* To say that the cathode is negatively charged is just another way of 
saying that it possesses an excess of electrons; similarly, to say that the 
anode is positively charged means merely chat it is deficient in electrons. 
Consequently, the cathode will supply electrons to anything willing to take 
them, while the anode will remove electrons from anything capable of giving 
them up. Thus, if concentrated HC1 is electrolyzed, the hydrogen ions 
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ionized in a solution at any given concentration. His method 
was to divide the actual equivalent conductivity, A, of a solution 
at a known concentration by the equivalent conductivity 
of the same electrolyte at infinite dilution, A^. The apparent 
degree of ionization , a, i.e., the ratio of the number of molecules 
actually ionized to the number originally used in preparing the 
solution, was then calculated by means of the expression 



Although Arrhenius’s theory of ionization was a definite step 
in the right direction, it was only to be expected that as new 
research instruments were developed and now information 
became available, modifications would have to be made in his 
theory. Two of the more important modern developments 
are the Debye-Huckel theory and the theories of Bronsted and 
his coworkers. 

We have learned that many electrolytes, such as sodium 
chloride, are already ionized even in the solid state. There 


move to the cathode, where they then take on electrons, become neutral 
atoms, and form hydrogen gas: 

211+ -f 2e H 2 

On the other hand, chloride ions are attracted to the anode, where they lose 
electrons and form chlorine gas: 

2C1 “ - 2e -> Cl 2 

From general chemistry it will be recalled that the taking on of electrons 
by an atom is known as reduction , whereas the loss of electrons is known as 
oxidation. It is easy to see, therefore, that during an eleetiolvsis, the 
reaction occurring at the anode is always an oxidation whereas that at the 
cathode is always a reduction. 

* For example, the equivalent conductivity of HC 2 IUO 2 in a O.OliV’ 
solution at 18°C. is 14.50 reciprocal ohms. At infinite dilution, its equiva- 
lent conductivity is 347 reciprocal ohms. Using the preceding equation, 
ono obtains 


14.5 

347 


0.0418 


In other words apparently 4 18 per cent of the molecules present are, at any 
given moment, in the ionized state. 
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is little reason, therefore, to expect these ions to combine in 
solution to form molecules when the behaviors of other elec- 
trolytes indicate that the tendency for ionization should bo 
greater in solution than under other conditions. The chemical 
activities and the conductivities of concentrated solutions of 
strong electrolytes, however, are loss than would be expected 
if ionization were complete, and it was for this reason that 
Arrhenius believed their ionization is incomplete. To explain 
these apparent anomalies Debye and Huckel formulated the 
theory whose essential points are as follows: 

1. Strong electrolytes, such as sodium chloride and potassium 
chloride, are completely ionized even in concentrated solutions. 
Thus, according to this conception, when a crystal of sodium 
chloride is brought into contact with water, the forces of attrac- 
tion between the ions on the surface of the crystal and those 
within the crystal are weakened, allowing the surface ions to 
pass into the solution. No molecules of solute, therefore, are 
present in solutions of the strongest electrolytes. 

2. Although the force of attraction between the oppositely 
charged ions of a strong electrolyte is not great enough to hold 
them together as molecules, the charge on each ion surrounds 
the ion with a “sphere of influence” that will tend to act upon 
any ion passing through it. The larger the number of charges on 
the ion the greater is this sphere of influence. 

3. As a given ion moves through the solution, either toward 
an electrode or by normal processes of diffusion, it passes through 
the fields of attraction of many other oppositely charged ions, 
with the result that there is a mutual “dragging” effect which 
slows the movement of the ions and reduces their activity. This 
effect is greatest in solutions whose total ion concentrations are 
great, diminishing with dilution until in very dilute solutions 
the effect is negligible. This phenomenon and its observed 
consequences are commonly known as the salt effect. 

According to the Debye-Huckel theory, therefore, the move- 
ments of ions are restrained in solutions of high ion concentration, 
and the result of this is that the ions act as if their concentrations 
are lower than they really are. Now it will be noted that there 
is nothing specific about this effect. Any kind of ion will 
produce it. Consequently, if a high concentration of a strong 
electrolyte is added to a solution of a weak electrolyte (whose 
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ion concentration would ordinarily be low), the weak electrolyte 
will be just as greatly affected by the foreign ions as it would 
by an equal concentration of its own ions. Thus, any highly 
ionized electrolyte will produce the salt effect. 

The presence of ions in the solutions of any electrolyte in 
which the solid form has an ionic lattice is easily understood if 
one assumes that the mechanical picture suggested earlier is 
correct. Many electrolytes, however, exhibit the properties 
of an electrolyte only when dissolved in certain specific solvents. 
Since the common acids are of this type, the question as to how 
these so-called pseudoelectrolytes ionize is of some importance. 
The most probable explanation of the ionization of acids was 
developed by Bronsted and his coworkers. The contrast between 
Bronsted’s theory and the older theory may be illustrated with 
acetic acid. It will be recalled that the older theory postulated 
a simple reversible ionization of acetic acid 

HC2H3O2 ^ H+ + C55H3O2" 

According to Bronsted’s theory, however, the ionization involves 
a reaction between the solvent and the solute to produce a 
solvated (in water, a hydrated) hydrogen ion: 

HC 2 H 3 0 2 + H 2 0 H 3 ()+ + c 2 h 3 o 2 - 

Thus H3O+ (H + *H 2 0 ) (known as hydronium or oxonium ion) is 
formed instead of a simple hydrogen ion (or proton), and the 
energy needed to break the semipolar bond holding the hydrogen 
to the rest of the acetic acid molecule is furnished by the forma- 
tion of the H s O + . 

In line with this theory it is now believed that few, if any, 
simple hydrogen ions exist in these solutions. Instead, the 
hydrogen ions, if they exist even momentarily, immediately 
attach themselves to solvent molecules to form solvated hydrogen 
ions. 

Many cases serve to confirm this theory of solvation in the 
ionization of pseudoelectrolytes. If hydrogen chloride is dis- 
solved in benzene or toluene, for example, the resulting solution 
does not conduct electricity. In liquid ammonia, water, or 
ethyl alcohol, on the other hand, hydrogen chloride acts as a 
conductor. In other words, although hydrogen chloride does 



BRONtiTED'S ACID-BASE THEORY 


51 


not ionize in benzene and toluene, in the other solvents men* 
tioned the following reactions occur:* 

HCH + NH, -> NH 4 + + Ci- 
lia + H 2 () ->II 3 ()+-f n- 

HC1 + CaH 5 ()H -> )H) 4 + Cl~ 

Bronsted's Acid -base Theory. In the light of Arrhenius's 
theory of ionization it has long been customary for chemist* 
to classify electrolytes according to the types of ions that they 
were believed to supply. Thus acids have long been defined 
as substances that yield hydrogen ions \\ hen placed in solution, 
while bases have been defined as substances that yield hydroxyl 
ions {Oil") in solution. Now these conceptions of acids and 
bases work so well for aqueous solutions, and aqueous solutions 
arc used so much more* frequently than are nonaqueous solutions, 
that it seems unlikely that the older definitions of acids and 
bases will ever be completely discarded. Nevertheless there 
are times when the terms acid and base must be used in another 
sense, i.e., as defined by Bronsted in his acid-base theory. f 
According to Bronsted \s conception, an acid is any substance that 
supplies protons (i.e., a proton donor), whereas a base 4 is any 
substance that combines with protons {i.e., a proton acceptor). 

* A study of these ionizing solvents reveals the fact that each of thorn 
contains an atom that has at least one unused electron pair: 

H 

H.O:II, :N:H, CH,CH,-0:H 

H 

Apparently the proton attaches itself to one of these electron pairs in forming 
the solvated ion; thus, for NHj, 

II r H 

H + + :N:II — H:N:II 
II L H 

and for water, 

.. r « 

H + + H:0:H — H:0:H 

f Occasionally certain phenomena will be explained in this book in terms 
of Bronsted’s conceptions When such is the case, however, it will be made 
clear. 
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As an illustration, consider what happens when a solution of 
sodium hydroxide is added to a solution of hydrochloric acid. 
Since both these substances arc among the strongest electrolytes, 
their solutions will contain the solute as ions. Any reactions 
that occur, therefore, will be between ions:* 

Na + + OH- + H+ + Cl- — Na+ + Cl“ + H 2 0 

It will be noticed in this equation f that the only reaction that 
occurs is that between H + and OH - to form H 2 0, for the Na + 
and the Cl~“ undergo no change. In this reaction, therefore, 
the OH~ has accepted a proton (or H + ) to form water. Evi- 
dently the OH - is a base — which, of course, is not entirely out 
of line with the older conception of bases as sources of OH“. 

Now consider the reaction between a solution of sodium 
acetate, NaC 2 H 3 () 2 , and one of hydrochloric acid. The sodium 
acetate and the hydrochloric, acid are both strong electrolytes 
and may be treated as completely ionized; consequently, the 
reaction is 

Na+ + C 2 H 3 0 2 - + H+ + Cl- Na+ + Cl" + HC 2 H 3 () 2 

This reaction is an equilibrium reaction, for, as will be recalled 
from Arrhenius’s conception of solutions of weak electrolytes, 
any ordinary solution of the weak electrolyte HC 2 H 3 0 2 must 
have some H + and some C 2 H 3 0 2 ~ present in equilibrium with 
the HC 2 H 3 0 2 molecules. Some of both the molecules and the 
simple ions, therefore, must be present in the solution. The 
formation of HC 2 H 3 0 2 molecules by this reaction, however, 
illustrates the fact that the C 2 H 3 0 2 “ is capable of accepting 
protons; consequently, the acetate ion is also considered as a 
base. 

Thus, according to Bronsted’s theory, any anion is a base. 
Those anions which are capable of combining with protons to 

* In discussions throughout this book, the term hydrogen ion will be used 
rather than hydronium ion. Although there is a modern trend toward 
the latter term, it seems scarcely justifiable to emphasize the hydrated 
condition of the hydrogen ions when other hydrated ions, e.g. f Cu(H20)< ++ , 
which exists in aqueous solutions of cupric salts, are usually treated as 
simple ions in ordinary discussions. 

t Equations written in this manner are known as ionic equations. They 
give much more precise pictures of reactions between electrolytes than do 
the ordinary molecular equations and will be used predominantly through- 
out this book. 
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form stable or only slightly dissociated substances are classed 
as strong bases; those which have but slight tendencies to take 
on protons art 1 classed as weak bases. In aqueous solutions, 
OH ' is still the strongest base; C 2 Ha02~ would be considered 
a moderately strong base; and Cl”, a very weak base. The 
conception of the hydroxides of metals jus base*, therefore, 
need only to be modified by throwing the emphasis on the OII~ 
ion, rather than on the compound itself, as the base, and then 
by adding the further fact that bases other than Oil” are quite 
active if conditions are right. In anhydrous acetic acid, for 
example, C 2 H 3 0 2 ~ becomes a very active base; for in such solu- 
tions it can accept protons much more readily than in aqueous 
solutions. 

Even neutral molecule's may be classed as bases. This is 
illustrated in the following equations: 

NH 3 + H*‘ ^ NH 4 f 

H 2 0 + ^ II 3 O f 

CjHsOH + 11+ (HC^II&OII ) h 

The foregoing equations have been written as reversible 
reactions, which represents the true situation. The products 
of some such reactions are very stable, but all dissociate to at 
least a small extent. It can be seen, therefore, that NH 4 +, 
H 3 0+, (HC 2 Hd)H)+, etc., may be classed as acids, for each 
is capable of yielding protons to any sufficiently active proton 
acceptor. Similarly, it should be noted that those substances 
which under the older conception were classified as acids are 
still acids according to Bronsted’s definition; for all such sub- 
stances are capable of furnishing protons. The Bronsted 
definition is merely more inclusive. 

Anions that contain one or more replaceable hydrogen atoms 
exhibit the properties of both acids and bases. For example, 
the bicarbonate ion may either accept protons 

HCU 3 “ + H+ ^ H 2 C0 3 

or furnish protons 

HC 0 3 - + OH” ^ C()r + h 2 o 

NUMMARY 

Solutions of nonelectrolytes do not conduct electricity, but 
those of true electrolytes do. Pseudoelectrolytes , of which the 
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common acids are examples, conduct electricity only when 
dissolved in certain so-called ionizing solvents. Solutions of 
strong electrolytes are excellent conductors of electricity; 
those of weak electrolytes are poor conductors in solutions of 
ordinary concentration . 

Conduction through solutions is always accompanied by 
oxidation at the anode (the positive electrode) and reduction 
at the cathode (the negative electrode). Quantitatively, 90,500 
coulombs of electricity (1 faraday) will form 1 gram-equivalent 
weight of product at each electrode. 

Arrhenius explained the abnormal behavior of solutions of 
electrolytes by stating that (1) some molecules of any electrolyte 
break down into positively and negatively charged particles 
which he called ions; (2) in solutions of ordinary concentration 
these electrolytes set up an equilibrium between unionized 
molecules and their ions; (3) different electrolytes ionize to 
different extents, the strong electrolytes having the highest 
percentage of ionized molecules; (4) in infinitely dilute solutions 
all electrolytes arc completely ionized; and (5) the ions between 
the electrodes are responsible for conduction in solutions of 
electrolytes. 

The modern theories of electrolytes as postulated by Debye 
and Huckel and others modify Arrhenius’s theory chiefly in 
regal’d to more concentrated solutions of weak electrolytes and 
solutions of strong electrolytes. For most practical purposes, 
strong electrolytes are treated as being completely ionized. The 
increase in conductivity of solutions of strong electrolytes with 
dilution and certain properties of weak electrolytes in more con- 
centrated solutions are believed due to the dragging effect 
caused by the attraction between ions of opposite charge. This 
effect, which is known as the salt effect , is less for solutions of 
low ion concentration than for those of high ion concentration. 

Bronsted and others explained the ionization of pseudoelec- 
trolytes as involving a reaction between the molecules of pseudo- 
electrolytes and those of the solvent. In the case of an acid, 
one product of ionization in water solution is always hydronium 
(HsO + ) ion instead of simple hydrogen ion. From these con- 
ceptions also was obtained Bronsted’s more general definition 
of an add as a proton donor and of a base as a proton acceptor. 
Thus, anions are bases, since they can accept protons. Hydroxyl 
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ion is the strongest base in aqueous solutions; anions such as 
acetate and carbonate are moderately strong bases; and those 
such as Cl~ are very weak bases. Those compounds which 
were classified under the older conception as acids are still 
classified fis acids, since they are all proton donors. The older 
conceptions, however, applied only to aqueous solutions, whereas 
Bronsted’s conceptions apply to all solutions. 

Anions that contain one or more replaceable hydrogens aie 
both acids and bases. 


Review Questions 

1. Define: (a) anode, ( b ) cathode, (c) anion, id) equivalent conductivity, 
(e) hydronium ion, ( f) p.seudoelectrolyte 

2 . List the chief points of Arrhenius's theory of ionization. 

3. State which points of Vrrhenius’s theory were modified m formulating 
the modern theories of ionization Explain what these modifications were. 

4 . Contrast and compare Bronsted's conception of acids and bases with 
the older conceptions 

6. By ionic equations, show how the* following may act as bases: («) S“, 

(b) cor, (o so (<i) ha (o ml, if) HPor 

6. By ionic equations, show how the* following min ae*t as acids, («) 1 1 N r () a , 

( b ) ii.o, (c) HPOr, (d) mv, (v) ii ,(>*, (f) iiso 4 . 

Problems 

1. What weight of (a) copper and (b) e>\vge»n W'enilel he formed if 20fK) 
coulombs of electricity were passed through a solution of CuSO*? 

Answer (a) 0 6.>8 g 

2 . Assuming the sole gaseous pre>elue*ts to be hydrogen and chle>rinc, 
(a) what volume of hydrogen (at stanehird cemditiems), (b) what we*ight of 
chlorine, anel (c) what weight of soehum hyelreixtde would be formed by the 
passage of a steady current of 200 amp through a concentrated solution of 
sodium chloride for 5 hr.? 

A nswers (a) 417 7 liters (c) 1 492 kg 

3 . Two cedis, one* containing silver nitrate and the other sulfuric acid, 
are connecte»el in series If 14 liters of hydrogen (measured at stanelard 
renditions) is e*olle*cted from the* sulfuric acid cell during the* electrolysis, 
what weight (a) of oxygen and (6) of silver should he formed at the same 
time? (Note: Remember that oxygen will he* produced by both cells.) 

4 . What is the apparent degree of ionization of the sedute m 

a A OOlAf solution of NH 4 OH if its equivalent conductivity is 9 66 
reciprocal ohms at this concentration and 238 ree*iprocal ohms at infinite 
dilution? 

b. A 0 01 M solution of Ba(OH) 2 if its conductivity is 207 reciprocal ohn^ 
at this concentration and 222 reciprocal ohms at infinite dilution? 

c. A 0 01 M solution of sulfuric acid if its conductivity is 309 mcjffocJlC 
ohms at this concentration and 383 reciprocal ohms at infinite ddygloj^?* 
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HOMOGENEOUS IONIC EQUILIBRIUMS 

Introduction. It was mentioned in an earlier chapter that 
concentration is an important factor in chemical reactions, both 
in regard to the rate at which a reaction will occur and, in the 
case of reversible reactions, in regard to the completeness of 
reaction. It is evident, therefore, that a knowledge of the con- 
centrations of different ions in a mixture where a reaction is 
occurring between ions is important for predictions of both 
the rate and the completeness of reaction. Since most of the 
reactions used in analysis and in many other practical applica- 
tions of inorganic chemistry are ionic, the quantitative relation- 
ships existing in solutions of electrolytes must be thoroughly 
understood. 

For solutions of strong electrolytes* the more fundamental 
relationships are simple. Such substances may be considered 
completely ionized in solution; consequently, no equilibrium exists 
between ions and undissociated molecules in solution. If, there- 
fore, the predicted product of reaction between two ions is a strong 
electrolyte, the reaction will not occur, f Moreover, the concen- 
trations of the different ions in solutions of strong electrolytes can 
be calculated from the relationships given by the simple chemical 


* In general, salts, with the exception of compounds of lead, mercury, tin, 
antimony, some zinc compounds, and a few less known types, are strong 
electrolytes. The hydroxides of the alkali and alkaline earth families and 
hydrochloric, sulfuric, nitric, hydrobromic, and hydriodic acids are also 
strong electrolytes. Most of the other bases and acids, however, are weak 
electrolytes. 

f If the ions are present in concentration sufficiently great to exceed 
the solubility of the strong electrolyte, some of the product will precipitate 
from the solution, thus giving the effect of a reaction. The problem then 
becomes, however, one of heterogeneous equilibrium instead of homogeneous 
equilibrium. Cases of this kind will be considered in the next chapter. 

56 
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equation for the ionization of the electrolyte.* If, for example, 
it is desired to calculate the concentration of Na f and Cl“ in a 
0.01 M solution of sodium chloride, from the equation 

Nad -> Na+ + Cl~ 

it is found that 1 mole (or more properly, one formula weight) 
of this salt, if dissolved, will give a solution that contains 1 
mole of Na + and 1 mole of Cl" Consequently, 0.0 1 mole of 
ihe salt will give 0.01 mole of each of these ions; and if that 
0.01 mole of salt is dissolved to make a total of 1 liter of solution, 
the solution will he 0.0 Id/ with respect to each, Na* and Cl . 
Similarly from the equation 

CaCl 2 Ca* * + 2d" 

it can bo deduced that a 0.0 1 Af solution of calcium chloride 
would he 0.01 M with Ca^ and 0.02A/ with Cl , 

Such mathematical treatment, of strong electrolytes cannot 
he usc*d indiscriminately, however, as other factors may lead to 
error. Neither poly basic acids nor their salts, for example, 
give correct results by this method; and as will he* seen later 
in the discussion of hydrolysis, neither do the salts of weak acids 
or of weak bases. f Thus, although sulfuric acid is considered a 

* Although many of those strong electrolytes are already ionized before 
they are dissolv ed, it is convenient to write equations as if ionization occurred 
only as the solute was dissolving. Actually, such equations merely show 
the kind and number of ions present in, or produced by, one formula weight 
of the solute Too, solution does cause a dissociation of the ions from their 
orderly airangoment within the crystal lattice, consequently, if one keep*, 
in mind the true picture of what occurs, such a mechanical ieprcsentation is 
acceptable 

f Consider, for example, sodium carbonate According to the equation 
Xa*CO> — ► 2Xa + + (XV 

one formula weight of this salt should yield two Na + and one COj". It 
actually does yield tw*o Na*", for these ions undergo no secondary reaction. 
The COj" concentration, however, is much less than would be predicted 
from the foregoing equation, for CO*" tends to take on one proton to form 
the slightly dissociated ion, HCXV: 

(XV + H + ;=± HCXV 

As will be seen in a later chapter, water ionizes very slightly to form H + 
and OH“. In aqueous solutions of Xa 2 COj, therefore, the actual COa“ con- 
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strong electrolyte, only one hydrogen ion is completely ionized; 
the other is reversibly ionized: 

HSO 4 - ^ H+ + SO r 

The ion concentrations in solutions of weak electrolytes 
cannot be calculated as easily as those in solutions of strong 
electrolytes. Consider, for example, the ionization of the 
weak electrolyte, acetic acid, in a \M solution: 

HC2II3O2 ^ Il + + c 2 u 3 o 2 - 

It is obvious that of the acetic acid used in making the solution, 
at any given moment some will be in the form of molecules and 
some in the form of ions. If a solution of sodium hydroxide is 
added to this solution, the H + and OH"" will react to form H 2 0; 
then, as predicted by the principle of Le Chatelier and the law 
of mass action, the ionization equilibrium for the acetic acid 
will shift to produce II+ to replace part of that removed. Even- 
tually, if enough sodium hydroxide is added, no more HC 2 H 3 () 2 
will remain; consequently, no more II + will be formed, and the 
acid will have been neutralized. Tt may be said, therefore, 
that by the titration of such a solution one measures all the 
acid in the solution, i.e., the total acidity. 

On the other hand, many reactions depend not on the total 
available acid but instead on the immediate hydrogen ion con- 
centration. In any equilibrium in which H + appears as a 
reactant or a product, the concentration of the II + is important. 
It is, therefore, often necessary to distinguish between the actual 
H + concentration at a given moment (sometimes called the 
momentary acidity), the reserve acidity (the concentration of 
molecules of the acid at a given moment), and the total acidity * 

centration will be less than the original equation suggests, owing to the 
reaction of some of the CO3" with the H + of the water. 

The possibility of such secondary reactions must always be considered 
in highly accurate work, though in many practical cases they may be dis- 
regarded as having a negligible effect 

* Two things should be noted here: (1) The total acidity is equal to the 
sum of the momentary and the reserve acidities (2) In aqueous solutions 
of any acid that is strong enough to be considered completely ionized, the 
reserve acidity will be zero and the momentary acidity will equal the total 
acidity. 
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If solutions of weak bases are considered, it will be found that a 
similar situation exists with regard to the momentary and reserve 
basicity . For example, solutions of ammonium hydroxide 
may be represented by 

NII4OII NH 4 + + OH- 

At any one moment, therefore, there will be a certain concentra- 
tion of OH - in the solution. If some of this is removed, say 
by the action of H+ from an acid, the equilibrium will shift in 
such a way as to replace some of the Oil"*. Again, therefore, 
one may speak of this solution as having a momentary , a reserve , 
and a total basicity. 

As will be shown later, it is often necessary to have solutions 
in which the momentary and the reserve acidity or basicity is 
controlled; when such is the case, buffer solutions are usually 
used. Such solutions and their applications will be discussed 
later in this chapter. 

Monobasic Acids and Monacid Bases.* As was pointed out 
earlier, the strong acids, such as hydrochloric, nitric, and hydri- 
odic acid, and the strong bases, such as sodium hydroxide and 
potassium hydroxide, may be considered completely ionized in 
ordinary solutions. The concentrations of their ions may be 
easily and simply calculated, therefore, from a knowledge of 
their formulas and their stoichiometric concentrations.! 

* Acids that contain only one hydrogen atom capable of being replaced 
by a metal are called monobasic acids; those with two replaceable hydrogens, 
dibasic acids; and those with three replaceable hydrogens, tribasic acids. 
On the other hand, bases with only one hydroxyl radical are called tnonadd 
bases; those with two, diacid bases; and those with three, triacid bases. 

t In the preceding chapter it was pointed out that in solutions containing 
high concentrations of ions, the movement of the 10ns through the solution 
is slowed by the dragging effect produced by the mutual attraction of ions 
of dissimilar charges The rate of any chemical reaction depends partly 
upon the rate with which the reacting entities can get together; consequently, 
anything that slows the movement of 10ns also slows any reaction in which 
these ions are involved In such solutions, therefore, the rate of any reac- 
tion is less than might have been expected from the actual concentrations 
of the 10ns involved It is customarv to speak of the activity or effective 
concentration of each reactant in such cases, this corrected concentration 
representing the way in which the reactant actually acts rather than the 
way m which it is supposed to act. 

The high concentration of ions may be furnished by the ionization of the 
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The concentrations of the ions of weak electrolytes cannot be 
calculated by methods as simple as those used for strong elec- 
trolytes; for in solutions of weak electrolytes there are always 
at any given moment some unionized molecules of the electrolyte. 
Consequently, the law of mass action must be applied to obtain 
the necessary information. 

Consider, for example, the ionization of acetic acid. 

HC2H3O2 H+ + C 2 Hs 0 2 - 

It will be recalled that for any chemical reaction that is at 
equilibrium, the mathematical product of the concentrations 
of the products of the reaction divided by the mathematical 
product of the concentrations of the reactants equals a constant. 
Applying the law to this equilibrium, one obtains the expression 

[H+][C 2 Il3(>ii _ K m 

~[HC 2 H 3 <>2] 

where [11+] is the molar concentration of H+, [C 2 H 3 0 2 ~] is the molar 
concentration of C 2 H 3 0 2 ~, [HC 2 H 3 0 2 ] is the molar concentration of 
IIC 2 H 3 O 2 , and K a is the ionization constant for IIC 2 H 30 2 .* 
Since this equation is of the familiar algebraic type 



c 


it will be seen that if any three of the four terms involved are 
known, the fourth may be calculated. For most purposes, 
however, it is most important to be able to calculate [11+]. 
For simple solutions of acetic acid in pure water, the problem is 
much easier than it at first appears to be. If one writes the 
equation for what happens to each molecule of acid that ionizes 

HC 2 H 3 0 2 -> H+ + C 2 H 3 0 2 - 


clectrolytes involved 111 the reaction or may come from a third electrolyte 
that is not concerned in the reaction. In very dilute HC 1 solution, for 
example, the addition of a moderate concentration of NaNOs reduces the 
activity of both the H+ and the (T~ to a marked extent. For this reason, 
the effect of this mtenonic attraction upon the activity of ions is commonly 
called the salt effect. 

* The ionization constant for an acid is usually designated as K a ; that for 
a base, Kb] and that for a salt is usually written K t . 
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it is seen that (1) the only important source of H+ and of C 2 II 3 OsT 
in the solution is the HC 2 H 3 0 2 itself; (2) for every 11+ produced, 
one C 2 H 3 0 2 ~ is also pioduced; and (3) for each II + produced, 
one molecule of acetic acid is used up or ionized. Consequently, 
[H f ] in a solution of acetic acid in pure water equals [C2II3O2 ]. 
Since 

[11+] = [C 2 H 3 0 2 -] (2) 

[H + ] may be substituted for [C 2 H 30 2 ~] in the equation 

[ii+][C 2 iw>r] K 

[HC 2 H 3 02 ] 

to give the equation 

[111(11+] 

[iic 2 h 3 () 2 ] a 

or 

[IC]* = K 

[hc,h,oV] 0 

The ionization constants for many weak acids have been deter- 
mined and can be obtained from tallies (see Table III). 


( 1 ) 

(3) 

(4) 


Table III — Ionization Constants* 


Reaction 

Temperature, 

°o. 

Constant 

HdBOa - 11+ 4- H 2 B0 3 ' 

25 

0 5 X 10 10 

H 2 CO 3 - H + + HCO*“ 

25 

3 3 X 10 7 

HCOr = H+ + COr 

25 

3 9 X 10 11 

HCN - H + + CN" 

25 

7 2 X lO" 1 ® 

H 3 PO 4 = H+ + H 2 POr 

18 

8 3 x ur 1 

h 2 po 4 - = H<- 4- HPOr 

18 

2 X 10~ 7 

HP0 4 “ - H+ + P0 4 s 

18 

4 X 10“" 

iino 2 = H+ + NOr 

18 

4 5 X 10 < 

IIS0 4 ~ = H+ 4- S0 4 ” 

25 

1 15 X 10* 

H 2 S = H+ 4- HS~ 

18 

9 X 10“* 

HS- = H + 4- S“ 

18 

1 X 10 14 

H 2 S0 3 ~ H+ 4- HSOr 

25 

1 2 X 10“* 

HSOs- - H+ 4- SO 3 - 

25 

5 X 10“« 

HC 2 H 3 0 2 * H + 4- C 2 H 8 0 2 - 

25 

1 86 X 10~ 6 

NH 4 OH = NH 4 + + OH~ 

25 

1 8 X 10" 6 


♦Hammett, “Solutions of Electrolytes,” 1936. 
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Thus, the value for K a for acetic acid at 25°C. is 1.86 X 10 -5 . 
In order to find [H + ], it is necessary only to determine the con- 
centration of the unionized acetic acid in moles per liter, then 
substitute this for the term [HC2II3O2] in equation (4). 

Now if one remembers that only a small fraction of the mole- 
cules of a truly weak electrolyte are ionized in solutions of 
ordinary concentrations, it is readily seen that the number of 
moles of HC2II3O2 actually ionized will be small compared with 
the number remaining unionized. Without significant error, 
therefore, the concentration of unionized HO2II3O2 may be 
considered as the same as that added originally. Applying this 
assumption to equation (4), the following expression is obtained 


[H+]* 

M 


= K a 


[H+] - y/MK a 


(5) 

( 6 ) 


in which M is the molarity of the acetic acid. This is a general 
equation which can be applied to solutions of any weak mono- 
basic acid in pure water.* 

The concentration of OH“ in solutions of weak bases may be 
calculated in a similar manner. Suppose, for example, that the 
concentration of 011“ in a solution of NH 4 OH is to be calculated. 
From the ionization equation 


NII4OH NH 4 + + 0H“ 


one obtains the expression 


[NH 4 +][qH“] 

■ [nh^oh] 6 


(7) 


If the same reasoning is used as that applied in considering 
acetic acid, it can be seen that for every mole of NH4+ there is 


* Note that the assumption used here is valid only for quite weak elec- 
trolytes in not too dilute solutions. For more highly ionized substances, the 
number of molecules that ionize will be too great in comparison with the 
unionized molecules; while as postulated by Arrhenius's theory, in very 
dilute solutions even very weak electrolytes are quite highly ionized. 

For solutions in which the electrolyte lost by ionization cannot be dis- 
regarded, the H + concentration can be calculated by means of the expression 

ru+i — K a 4- y/Ka 2 j- 4Mj£ a 
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1 mole of OH“; i.e ., 

[NH 4 +] = [Oil"] 


( 8 ) 


Substituting OH - for NH 4 + in equation (7), one obtains the 
expression 


[OH-ROHi 

[NH 4 OH] 


or 


[OH] 2 

[NH 4 ()H] 


00 


Similarly, it can be shown that the concentration of the unionized 
NH 4 OH does not differ significantly from that which it would 
have if ionization had not occurred; consequently, to calculate 
the concentration of Oil - it is necessary only to substitute in 
the general equation 


[Oil P 

~ M 

= K„ 

(10) 

[Oil] = 

= \/M K h 

(11) 


Examples of problems and their solution should clarify the 
ideas discussed above 


Problem 1 What is the concentration of II* in a 0 01.1/ solution of 
IIC 2 IL0 2 ? First sot up the equation for tin' equilibrium const ant for 
acetic acid.* 

IlC 2 IU) 2 ^m + CilIsCV 
. [H f ][C 2 IIi<) 2 “] _ K 

” [HC2H3O2] 

Vs pointed out earlier 

[HI - [CJ,H,()rl (2) 


Also, since acetic acid is a quite weak electrolyte, the molecules lost by 
ionization may be disregarded and [IIC 2 H 3 O 2 ] may be considered equal to 
0 0\M . Substituting, one obtains 


[H^l 2 
0 01 


1.86 X 10~ 6 


/. [II+] = \/l 86 X 10~ s X 10“ 2 = \/ 18.6 X 10 * 
= 43 X 10 -4 mole per liter 


Problem 2. What is the concentration in a 0.1 M solution of IHJN? 
Again use the equilibrium expression : f 


* Equation (6) may be used directly, if desired In that equation, M is 
0 01 and K a is 1.86 X 10~ 5 for this problem 

f Equation (6) can also be used for this problem, M being 0.1 and K a 
being 7.2 X 10~ 10 . 
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HCN H + + ON" 

. [H f ][CN~] _ 

[HCNf 

As before, [H+] - [ON"], and [HCN] - 0 1A/; also, from Table III, 

K a - 7.2 X 10" 10 
,™= 72 X 10 - 
/. [H + ] 2 - 0.1 X 7.2 X 10~ 10 = 72 X 10" 12 

[II 4 ] — y/72 X 10" 12 — 8.4 X 10" 6 mole per liter 

Problem 3 What is the concentration of OH" in a 0 lilf solution of 
NH 4 OH? 

Set up the expression for the equilibrium constant:* 


NH4OH ^ NH 4 + + OIT- 
[NH 4 + ][OH-] 

[nh 4 oh] ' = 6 


( 7 ) 


Using the same reasoning as before, [NH 4 4 ] = [OH ], and [NH 4 OIl] = 01 M. 
From Table III, Kb for NH 4 OII is 1 8 X 10“ B . Substituting these values in 
the foregoing equation, one obtains 


™ = ,8X10- 

[OII-l = \/l.8 X 10 -« = 1.3 X 10~» mole per liter 


When it is desired to calculate [II 4 ] in a solution of a monobasic weak 
acid in water, use may also be made of Ostwald's dilution law. To derive 
the equation that expresses this law, let v be the volume of solution that 
contains l mole of acetic acid and let a be the degree of ionization, 1 e , the 
fraction of the total number of moles that are actually ionized Then from 
the expression 

HC 2 H 3 0 2 H 4 + C 2 H 3 0 2 " 

1 — a ce a 

V V V 


the number of moles of unionized HC 2 H 3 0 2 will be 1 — a, that of H + will 
be «, and that of G 2 H 3 0 2 " will be a. In the solution, therefore, the con - 

I a 

centration of HC 2 H 3 0 2 , of H + , and of 02H 3 0 2 " will be, respectively, > 


-» and -• Applying the law of mass action and using these expressions, 

[H 4 ][0 2 H 3 0 2 -] __ 

[HC 2 H 3 0 2 ] ~ a 


* Equation (11) may be used directly for this type of problem. Thus M 
will be 0 1, and Kb will be 1.8 X 10" 5 , and 


[H + ] *» \/0.1 X 1.8 X 10" 5 » 1.3 X 10" 3 mole per liter 




Problem 4. Suppose that it is desired to calculate the degree of ionization, 
a, and the H + concentration in a 0 14/ solution of acetic acid in pure water. 
Since the solution is 0 14/, l liter contains only 0 1 mole of acetic acid, 
consequently, the volume needed to furnish one mole would be 1/0.1 ~ 10 
liters. Thus, v = 10 liters. Substituting in Ostwald’s simplified dilution 
formula 

j = K a (13) 

= 1 86 X 10-‘ 

o = Vr8G X~ HP 4 = 1 36 X 10-« 

The degree of ionization, therefore, is 0.0130; ip, 1 30 per cent of the mole- 
cules present in the solution are ionized. 

Now each molecule that ionizes thereby produces one II + . The concen- 
tration of H + , therefore, may be calculated from the equation 

[H+] - a X 4/ (14) 

[H+] = 1 36 X 10“ 2 X 0 1 = 1 36 X 10" 3 mole per liter 

Ostwald’s dilution equation has the same form for monacid bases as for 
monobasic acids; consequently, for weak monacid bases 

- = K b (15) 

v 

where v = 1/4/, and 

[OH-] - a X M (16) 

Problem 6. What is the concentration of OH" in a 0.14/ solution ot 

NH4OH? Use equation (15); calculate the degree of ionization. 
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- = K b (15) 

v 

•••rroT = 18xlo -‘_ 

a = Vi 8 X 10- 1 = 1 3 X 10~ 2 

Using equation (16), calculate the OH - concentration. 

|OH~l = « X M = 1.3 X 10“ 2 X 0 1 
= 1 3 X 10 ~ 3 mole per liter 

Thus far, only solutions containing a single acid or a single 
base have been considered. It is not at all unusual, however, 
to be dealing with solutions containing a mixture of acids or of 
bases. Although any accurate calculation of the concentrations 
of the different ions in such solutions is difficult, often valuable 
approximations can be made with relative ease. 

Suppose that two monobasic acids of formulas lid and IT B 
are present in the same solution. If the concentrations of the 
two acids are the same, and if the ionization constant for HA is of 
the order of ten thousand or more times as great as that for II B, 
the H + from the II# may usually be disregarded. If the con- 
centration of HA is less than that of IT#, the differences between 
the constants must be greater before the H + from the weaker 
acid, H B, can be neglected. 

Similarly, if HA is a strong electrolyte such as II Cl, and H# 
is a weak electrolyte such as HC2H3O2, the H+ from the weak 
acid may be disregarded and only that from the strong acid 
considered. 

For bases, similar reasoning applies. The OH~ in an approxi- 
mately equivalent mixture of two bases may be considered as 
coming exclusively from the stronger base, if the ionization 
constant of the latter is enough larger than that of the weaker 
base. Thus, in a solution that contains equal concentrations 
of sodium hydroxide and ammonium hydroxide, the latter may 
be regarded as contributing only insignificant quantities of OII~. * 

* By calculation it may be shown that in a sohition that is 0 13/ with sodium 
hydroxide and 0.13/ with ammonium hydroxide, the [OH - ] from the sodium 
hydroxide will be approximately 550 times that from the ammonium 
hydroxide. On the other hand, in a solution that is 0 0013/ with each of 
these bases, the [OH~] from the sodium hydroxide will be only about 51 
times that from the NH 4 OH. This is to be expected, since the ionizatioD 
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This is true, since the Dll' - from the stronger base represses 
the ionization of the weaker base and thus reduces its con- 
tribution of Oil" to the solution. 

Buffer Solutions. Since the solution of any weak electrolyte 
contains molecules of the electrolyte in equilibrium with its 
ions, an increase in the concentration of one of the ions will 
cause a decrease in the concentration of the other. Thus, 
if any soluble, highly ionized acetate is added to a solution of 
acetic acid, the ionization of the acetic acid will be repressed. 
In other words, in the reaction 

IIC 2 H 3 0 2 ^IC + C 2 H 3 <) 2 

an increase in the concentration of C 2 Il 3 <) 2 will cause the reac- 
tion to shift in a direction to form more unionized HC 2 ll 3 0 2 . 
In doing so, however, II + reacts with C 2 II 3 () 2 "; consequently, 
the net effect is to decrease the concentration of 11+ while increas- 
ing the concentration of IIC 2 Il 3 () 2 molecules. The momentary 
acidity is decreased , but the reserve acidity is increased . Now 
suppose that a solution of a strong acid is used instead of the 
acetic acid but a salt of a weak acid is added to the solution. 
It will bo recalled that the anions of weak acids ( e.g. } C 2 II 3 () 2 , 
C0 3 "“, etc ) are capable of combining with 11+ to form molecules 
of the weak acid. If the acid formed is a sufficiently weak 
electrolyte, the reaction between the II f and the anion gives a 
moderately good yield of the undissociated molecules of the acid; 
at the same time the concentration of H+ is reduced. If, there- 
fore, a salt of a weak acid, such as sodium acetate, is added to a 
solution of a strong acid, such as hydrochloric acid, a reaction 
of the following type will occur: 

H+ -J- Cl" “f* Na+ -f* C 2 II 3 0 2 - ^ Na+ -f- Cl" 1IC 2 II 3 0 2 

or, eliminating the Na+ and Cl", since they do not actually 
undergo any change, 

11+ + C 2 H 3 0 2 - ^ HC 2 H 3 0 2 

of any weak electrolyte is much more extensive the more dilute the solution. 
Consequently, for solutions of mixtures of strong and weak bases, it is 
found that m more dilute solutions the OH~ from the weak base can no 
longer be neglected, unless the ionization constant of the weak base is much 
smaller. The same is true of the H + mixtures of strong and weak acids. 
The accurate mathematical treatment of such solutions, however, will not 
be considered here. 
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In other words, if any acetate is added to a solution of any strong 
acid, a reaction will occur between the H+ and C 2 Il 30 2 ~ to form 
IIC 2 H 30 2 . 

Now if the concentration of the strong acid is more than 
equivalent to that of the salt, reaction will occur resulting in a 
mixture of the strong acid and the weak acid. If the concentra- 
tions of the salt and the strong acid are exactly equivalent to 
each other, the solution will be one of a weak acid alone ; but if 
the salt of the weak acid is present in concentration greater than 
that of the acid , the resulting solution will be essentially the same 
as one prepared by adding the salt of the weak acid to a solution 
of the weak acid. Referring again to the mixture of sodium 
acetate and hydrochloric acid, if the number of moles of hydro- 
chloric acid exceeds the number of moles of sodium acetate, 
the mixture will, when equilibrium is attained, be essentially a 
solution of hydrochloric acid (due to the excess used), acetic 
acid, and sodium chloride.* The concentration of the H + 
in such a solution as this, therefore, can be calculated using the 
method described for mixtures of acids. If, on the other hand, 
the number of moles of hydrochloric acid are the same as the 
number of moles of sodium acetate, neither will be in excess 
and the solution may be treated as a solution of acetic acid in 
pure water. However, if the sodium acetate is in excess, the 
equilibrium mixture will contain acetic acid and its ions and the 
ions furnished by the excess of sodium acetate used will be present 
in addition. Since all the sodium acetate is in the form of ions,| 
and since the C2II3O2” that it furnishes is of the same kind as 
one of the ions furnished by the acetic acid, the ionization of the 
acid will be repressed and the calculation of the [H+] must be 
approached by a different method. 

With mixtures of bases with salts of weak bases, similar 
reasoning applies. The addition of a salt of a weak base to a 

* The Na + and Cl - in these solutions may be disregarded unless it is 
necessary to consider the salt effect. Therefore only the ions furnished by 
any unreacted HC 1 or NaC 2 H 3 0 2 and the molecules and 10ns of the HC 2 H 3 0 2 
need be considered. 

f It will be remembered that most salts are strong electrolytes and may be 
considered as completely ionized. Even though the salt was formed from a 
weak acid or, as in the case of ammonium salts, from a weak base, it is still 
completely ionized and the 10ns are therefore readily available for reaction 
with other substances that may be in solution. 
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solution of a base causes a decrease in the concentration of the 
OH~ and an increase in the reserve base. Thus, if an ammonium 
salt such as ammonium chloride is added to a solution of ammo- 
nium hydroxide, the NIl 4 + from the ammonium salt represses 
the ionization of the NH4OII, thereby decreasing the concentra- 
tion of the ()II~ and increasing the concentration of NH4OH. 
If, on the other hand, an ammonium salt such as NII4CI is added 
to a solution of a strong base such as NaOH, the following type 
of reaction will occur: 

NII 4 + + Cl- + Na+ + Oil- Na* + 01“ + NH 4 OII 

If the NaOlI is in excess, the final mixture may be regarded as a 
mixture of a strong bast' and a weak base in calculating the Oil ' 
concentration; if the NaOH and NII 4 Cl are present in equivalent 
concentrations, the solution should be treated as that of a simple 
weak base in water; while if the NHiCl is in excess, the final 
mixture must be considered as a mixture of a weak base and a 
salt of a weak base. In any of these cast's, however, the (‘fleet 
of adding the salt of a weak base is to reduce the Oil ~ concen- 
tration and increase the concentration of reserve (unionized) 
base. 

A solution of an acid containing an excess of a salt of a weak 
acid or of a base containing excess salt of a weak base is said to 
be a buffer solution. Any salt list'd to produce such a solution 
is called a buffering agent. Buffer solutions have characteristics 
that make them very valuable for many purposes. The con- 
centration of H + in a buffered acid or of Oil" in buffered base 
is often very low but is resistant to changes, owing to the fact 
that the ionization of the weak acid or base is repressed and the 
reserve acidity or basicity is increased. If, for example, a 
solution of ammonium hydroxide buffered with ammonium 
nitrate is considered, in the equilibrium 

NII4OH ^ NH 4 4 - + OH“ 

the ammonium nitrate furnishes NII 4 + to increase the concen- 
tration of that ion in the solution. This causes the NII4OH 
equilibrium to shift to the left. As it does so, some of the 0 H~ 
is thereby removed to form unionized NH4OH, the amount of 
the latter, therefore, being increased. Now suppose that a very 
small quantity of an acid is added to this buffered mixture. 
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Some of the OH~ will be removed by reacting with the H + 
from the acid to form water. However, as the ()H~ concentration 
is reduced by this reaction, the equilibrium will shift, some of the 
reserve base ionizing to replace most of the Oil - lost. Thus, 
the buffered solution resists changes in its OH“ concentration. 

Suppose that instead of an acid one adds a little of a strong 
base such as sodium hydroxide. As was illustrated before, 
some of the NII 4 + from the buffering agent would react with a 
large portion of the ()H~ from the sodium hydroxide to form 
NH4OII. Consequently, the reserve base would be markedly 
increased, but the 011“ concentration would be increased but 
slightly. Thus, small quantities of either acids or bases can be 
added to buffered solutions with little change in the H + or OH~ 
concentrations* of the buffered solutions. 

Mathematically it can be shown that buffered solutions 
also resist changes in 1I + or OH“ concentration on dilution with 
water. 

Mathematical Treatment of Buffer Solutions. The calculation 
of the II 4 * or Oil - concentration in buffered solutions requires 
the use of equations obtained by the application of the law of 
mass action to the ionic equilibriums involved. Examples of 
such problems and their solutions will be considered in the 
following problems. 

Problem 6. A solution is made by adding 0 l mole of NaC 2 H 3 0 2 and 
0.01 mole of HO 2 H 3 O 2 to enough water to make 1 liter of solution. What 
is the II f concentration of the resulting solution at 25°0? 

a. From the ionization equation of the weak electrolyte present — in this 
problem, the HC 2 H 3 0 2 — obtain the expression for its ionization constant: 

HC 2 Ha0 2 ;=± H + + C 2 H 3 O 2 - 

. [H+lIC*H*Orl _ K 
“ [HC 2 H 3 0 2 1 

b. Since NaCaH 3 0> is completely ionized, and since each mole of it 
furnishes 1 mole of C2H 3 0 2 ~, the 0.1 mole of NaC 2 H 3 Oa in each liter of solu- 
tion will give a solution 0 l M with respect to C 2 H 3 0 2 ~ This enables us 
to neglect the relatively small amount of C 2 H 3 0 2 “ produced by ionization 


* As will be explained later, both the H + and OH” concentrations of a 
solution may be expressed in terms of what is known as the pH of the solu- 
tion. A better way of describing the properties of any buffered solution, 
therefore, regardless of whether it is basic or acidic, is to say that the pH 
of such a solution resists chanqes. 
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of the HC’yHjOa and likewise the similarly small amount of H(NH.<0. lost 
by ionization. Consequently, ((\HjO-rl will be 0 t.V, and ( H< 'all 3O2] will 
be 0 01 M 

The constant K a as obtained from ionization tables is 1 8b X 10 * at 
25°C. Substituting these \ alues 111 the preceding equation, one obtains 


IHKO.l) 

"( 0 . 01 ) 

. IH1 
** 0 1 


= 1 80 X 10-5 
= 1 8b X 10 5 



IH + ] = 1 8b X 10~ 5 (0 1) = 1.8b X 10" fl mole per liter 


Problem 7 A solution is made by dissolving 0 1 mole of NILUl and 0 01 
mole of NaOlI in enough water to make 1 liter of solution What is the 
OH" concentration of the solution? 

a Consider the stoichiometric equation for the reaction that will occur; 
and disregarding tor the moment any reversibility m the reaction, 

XivOII + Nlf.Cl — NaCI + Nil, OH 


note that 1 mole of NaOH reacts with 1 mole of NII4CI to form 1 mole of 
NH4OH However, though the solution considered contained 0 1 mole of 
NH4CI, it contained only 0 01 mole of NaOH The latter will therefore 
be used up, and the final solution will be the same as would have been 
obtained using 0 09 mole (the original 0.1 mole less the 0 01 mole that 
reacted) of NH 4 C1, 0 01 mole (the amount, produced by the reaction of the 
NH4CI with the NaOH) of NH4OII, and no NaOH. Mathematically 
these quantities may be obtained as follows: 


NaOH 4* 

Given = 0 01 mole 

Used or 

produced = 0 01 mole 
Left = 0 00 mole 


NII4CI 
0 1 mole 

0 01 mole 
0 09 mole 


Nad -f NILOH 

0 01 mole 0 01 mole 

0 01 mole 0 01 mole 


b From (a) it is found that the final solution is 0 09-1/ with NILCland 
0 01-1/ with NH4OH The weak electrolyte that controls the OH" con- 
centration is NH4OH From its ionization equation, by application of the 
law of mass action, one obtains the equation:- 

[NIW)H -1 _ 

[NH4OII] 6 


where Kb is 1.8 X 10" 5 . 

If the same reasoning is used as was applied to Problem 0, it can be shown 
that with only insignificant error, the NH 4 f may be considered as coming 
only from the completely ionized NH4CI while the amount of NH4OH may 
be assumed as equal to that which was theoretically produced in the reaction 
between the NaOH and NH4CI. Therefore the NH4 + concentration is 
0.09 Af, and the NH*OH concentration is 0.01 M. Substituting these 
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values m the preceding equation, one obtains the expression 

(0 09)10111 lft _ 6 

(6.01) 18X 

[OH1 = ] 9 X 1 8 X 10" 5 = 02X 10" 5 = 20X 10“«il/ 

Problem 8. Suppose that a solution is made by dissolving 0.15 mole of 
NaCaHjOa and 0 05 mole of HNOs m enough water to make the volume 
exactly 1 liter What is ihe II f concentration of the solution? 

a. Consider the quantitative aspects of the reaction between the 
NaC 2 H 3 0 2 and HN0 3 , as was done for the NaOH and NH 4 C1 m Problem 2: 

NaC^HsOi + IINOi — > NaN0 3 + HC 2 H.j0 2 

Given = 0 15 mole 0 05 mole 

Used or 

produced = 0 05 mole 0 05 mole 0 05 mole 0 OSjiiole 

Left = 0 10 mole 0 00 mole 0 05 mole 0 05 mole 

b From (a) it is found that the final Solution is 0 1 M with NaC 2 H 3 0 2 
and 0 0571A with H0 2 H,0 2 Again, the OJIAV mav be considered as 
coming only from the* NaO»H.j()>, and the loss of HCbIU() 2 molecules by 
ionization may be disregarded. Consequently, the concentration of C2H3O2- 
is 0.171/, and that of HC 2 II 3 0 2 is 0 OSTIA. Substituting these values and the 
value of K a in the equation 

[HirCJUVl = K 
[HCaHiOal 

one obtains 

S 1 ’ = 1 86 X 10- 
(0.05) 

••• [H + ] == '2 X 1 80 X 10-= = 0 93 X 10"* = 9.3 X 10 ~*M 

Polybasic (Polyprotic) Acids. Polybasic ( polyprotic. ) acids 
ionize in stops, each successive stage occurring to a less extent 
than the previous one. Thus, H 2 C0 3 first loses one hydrogen 
to form HCXV, and then the IIC0 3 - ionizes to form C0 3 ”: 

H 2 C0 3 ^H+ + HCOr 
HCOr ^ H+ + C0 3 “ 

For each step in the ionization an expression for an ionization 
constant can be derived: 

[H+picor] _ K 

[H 2 C0 3 ] 

[H+ltCO,-] K 
[HCOr] 2 
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The constant for the first stage in the ionization of a poly basic 
acid is always larger than that for the second stage; the constant, 
for the second stage is larger than the third; etc For example, 
in the case of H 2 C0 3 at. 25°C., K\ is 3.3 X 10~ 7 , while K* is 
3.9 X 10~ u . 

Similarly, II 3 PO 4 ionizes in three steps, and corresponding 
expressions for ionization constants may be obtained: 

II,P0 4 ^±II*-+ II 2 PO 4 - 
. [H+][H 2 po 4 ] = K 
•• " [ 11 , 1 * 0, 1 1 
ii.,po 4 -^ if + iipor 

. [H'][HP()4“] _ K 

•• " 111,1*04-] “ A2 
UPOtT-ilP + P() 4 
. [H + ][PO, ] = „ 

”'[HP<> 4 ~] 

For H 3 P0 4 at J8°C. K 4 is 8.3 X 10~ 3 , K 2 is 2 X JO 7 , and 
Ki is 4 X 10- 13 . 

Tt is obvious that any accurate calculation of the II f con- 
centrations in solutions of polybasic acids would be by no means 
simple. Fortunately, however, usable approximations can 
often be made. II, as is usually the case*, Ki for the acid is 
much greater than K 2 , and if the solution is not too dilute, the 
H + in a solution containing only the acid and water may be con- 
sidered as all coming from the first step in the ionization. In 
other words, the acid may be treated as a monobasic acid with 
an ionization constant equal to K\. Naturally, however, the 
accuracy of such calculations is not great when K\ is not much 
larger than K 2 or where the concentration is low; for in either 
of these cases the proportion of H 4 * furnished by the later steps 
in the ionization becomes much greater. 

A more extensive treatment of polybasic acids would be too 
involved for an elementary course; however, one such acid, 
hydrosulfuric acid, H 2 S, will be considered more fully in a later 
chapter. 


SUMMARY 

On the assumption that the ionization of strong electrolytes is 
complete, it is possible to calculate the ion concentrations in 
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solutions of strong electrolytes from the simple ionization equa- 
tion. Secondary reactions of the ions with the solvent, e.g., 
as in hydrolysis, may, however, lead to lower concentration of a 
given ion. 

The activity (effective concentration) of an ion will be less than 
its actual concentration in solutions where the total ion con- 
centration is moderately great. This is due to the so-called 
salt effect. If solutions containing ions whose only possible 
reaction products are strong electrolytes are mixed, no reaction 
will occur between those ions as long as everything remains in 
solution. 

Solutions of weak acids contain an equilibrium mixture ol H + , 
the anion of the acid, and undissociated molecules of the acid. 
The II 4 * concentration is known as the momentary acidity , the 
concentration of undissociated acid is known as the reserve 
acidity , and their sum is known as the total acidity. In solutions 
of strong acids the reserve acidity is zero. Solutions of weak 
bases have momentary basicity (the OH" concentration), reserve 
basicity (the concentration of undissociated molecules of the 
base), and total basicity. 

The ion concentrations in solutions of monobasic weak acids 
or monacid weak bases may be calculated either by using the 
expressions for their respective ionization constants or by using 
Ostwald’s dilution formula. The latter can be also be used to 
calculate the degree of ionization in solutions of these acids or 
bases. 

In mixtures of two monobasic acids, if the ionization constants 
of the two are sufficiently different, the II 4 * concentration may be 
approximated by disregarding the weaker acid and assuming 
that all the H 4 * comes from the stronger acid. The assumption 
is not valid, however, if the solution is very dilute or if the degrees 
of ionization are too near the same value. The same situation 
exists in regard to mixtures of bases. 

Buffer solutions are solutions of weak acids containing a salt of 
a weak acid or of weak bases containing a salt of a weak base. 
Strong acids may be buffered by adding an excess of a salt of a 
weak acid; strong bases may be buffered by adding an excess 
of a salt of a weak base. The concentration of H 4 * or of OH~ 
in buffer solutions is calculated by means of the expression for 
the ionization constant for the weak acid or weak base used or 
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formed in the buffer solution. In a buffered acid solution the 
II + concentration is usually low but resists changes, whether 
those changes are attempted by adding more acid, by adding a 
base, or by diluting the solution. The OH - concentration in the 
buffered solution of a base is similarly low but constant. 

Polybasic (or polyprotie) acids ionize in steps. The ionization 
constant, K h for the first stage in the ionization of the acid is 
always greater than that for the second, K 2f etc. The II + con- 
centration in solutions of such acids may be approximated by 
disregarding the later steps in the ionization and treating the 
acid as a monobasic acid whose ionization constant is equal to K\. 
Such an approximation is valid, however, only if K\ is very much 
larger than K 2 and if the solution is not too dilute. 

Review Questions 

1. Why must the theory of complete ionization be used with caution in 
predicting ion concentrations in solutions of strong electrolytes? 

2. What is meant by momentary , reserve, and total acidity? Illustrate. 

3. What is meant by momentary, reserve, and total basicity? 

4. Define the terms: (a) monobasic acid, (6) monacid base, (c) polvprotie 
acid, (d) buffered solution 

5. Using the simplified Ostwald dilution formula, predict the effect pro- 
duced on the degree of ionization of a weak electrolyte by (a) diluting the 
solution, ( b ) increasing the ionization constant by a change in temperature. 

6. State briefly how the approximate II+ concentration m a solution that 
contains two acids may be calculated. Under what conditions would such 
an approximation be invalid? 

7. List the chief characteristics of a buffered solution. 

8. How can the approximate II + concentration m a solution of a dibasic 
acid be calculated? How are approximations of this type restricted? 

9. Write the expressions for the ionization constants of the following 

(a) II 2 S0 3 (b) NIUOH (c) H,P ih 

(d) H 4 S 1 O 4 (e) HaBOg (/) H*S 

Problems 

1. What is the concentration of H f in each of the following solutions? 

(a) 0 0321/ HC 2 H 3 0 2 . (b) 0 02 M HCX. (c) 0 002A/ HC 2 H 3 0 2 

(d) 0.3 A/ II Cl. (e) 0 001 M HNOa (f) 0.001 M H 2 C0 8 . 

(g) 0.0521/ H 2 S0 3 . 

Answers: (a) 7 4 X 10“ 4 Af. (6) 3.8 X 10 Mf. (c) 19 X 10"W. (d) 

0 321/. (c) 0 00121/. 

2. What is the 011“ concentration in (a) 0 05 M NH 4 OH? ( 6 ) 0.001 A1 
NH 4 OH? 

Answer: (b) 1.3 X 
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3. What is the degree of ionization in each of the solutions m Problem 1? 

4. What is the degree of ionization in each of the solutions in Problem 2? 

5. A solution is prepared by adding 1 mole of NII 4 C1 and 0 4 mole of 
NaOH to enough water to make 1 liter of solution. 

a. What is the equation for the reaction that occurs? 

b. What concentration of NH 4 C1 will be left? 

c. Of NaOH? 

d. What concentration of NH 4 OH will be formed? 

e. Of NaCl? 

Answers: (6) 0.6M. (c) None. ( d ) 0AM. ( e ) 0AM. 

6. A solution is made up to contain 0 01 mole of sodium acetate and 
0.002 mole of HOI per liter. 

a. What reaction occurs while the mixture is being made? 

b. What concentration of each of the products is produced? 

c What concentration of each of the original substances is left? 

7. If 200 ml. of 0.8Af NH4NO4 is mixed with 600 ml of 0.08A/ KOH, what 
will be the concentration in the mixture after equilibrium is established 

(a) of NH4OH? ( b ) of KOH? (c) of KN0 3 ? (d) of NH 4 N0 3 ? 

Answers' (a) 0.06 M. (c) 0 00 M . 

8. If a solution is made by mixing equal volumes of 0 1 M NH4C2H3O2 
and 0 5 M IIC1, what is the concentration of (a) HOI, ( b ) NH 4 C 2 H 3 0 2 (c) 
HC2H3O2, and ( d ) NH 4 Cl in the final solution after all reactions have 
occurred? 

Answers: (a) 0.2 M. (b) None, (c) 0 05M. (d) 0 05A/. 

9. A certain solution is made by dissolving 0 30 mole of NaOH and 0.15 
mole of (NH 4 ) 2 S0 4 m water and diluting the whole to 2 liters volume. What 
is the concentration in the resulting mixture (a) of (NH 4 ) 2 S0 4 ? (6) of NaOH? 
(c) of NH4OH? (d) of Na 2 S0 4 ? 

Answers: (a) None. (6) None, (c) 0 15 mole per liter, (d) 0 075 mole 
per liter. 

10. What is the concentration of II + in each of these solutions: 

(a) 0 1 M HC2H3O2 containing 0 3 mole per liter of NH4C2H3O2? 

(b) 0.01M HC2H3O2 containing 0 03 mole per liter of NH4CJI3O2? (Note 
that this would be solution (a) diluted to one-tenth its former concentration ) 

(c) The solution in Problem 6? 

(d) The solution in Problem 8? 

(e) A solution made by dissolving 0.5 mole HNOa and 1 mole 0a(C 2 Il30 2 )2 
in water and diluting to 5 liters? 

(/) A solution made by dissolving 0.05 mole of H2SO4 and 0 5 mole of 
NaC 2 H 3 02 in water and diluting to 1 liter? 

Answers: (a) 6.2 X 10 ~ 6 Af. ( b ) Same as a. (c) 4 65 X 10~W. (d) 

0.2 M. (e) 6 2 X 10 ~W. (/) 4 65 X 10 "HI. 

11. What is the OH“ concentration in the following solutions : 

a. A solution that is 0.5Af with NH 4 C1 and 0.5Af with NH 4 OH? 

b. A solution that is 0.1 M with NH4OH and 0.25M with (NH 4 ) 2 S0 4 ? 

c. The mixture in Problem 5? 

Answers: (a) 1.8 X 10- 6 ilf. (6) 3.6 X lO^M. (c) 1.2 X 10' 5 M. 
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12. a. What would be the H + concentration in a solution that was 0.05 M 
with HC 2 H 3 O 2 and 0.1 A/ with NaC 2 H 3 0 2 ? 

b. What would the H + concentration be in (a) if 0.01 mole of NaOH were 
added to this solution? (Hint: What reaction occurs?) 

c. Repeat b, using 0.02 mole of NaOH? 

d. What is the H + concentration in a solution that is 0.05 M with HCTi 

e. What would be the concentration of H + in d if 0.01 mole of NaOH were 
added to the solution? If 0.02 mole of NaOH were added? 

Answers: (a) 9.3 X 10 -fl A/. (b) 6.7 X 10 -fi Af. (c) 4.65 X 10" ft A/. (d) 

0.05M. (e) 0.04A/. 0.03A/. 

13 . What concentration of 

(a) HC2II3O2 would be required to give a solution that is 0.002A/ with H + ? 

(b) HCN would be required to give a solution that is 3 X 10'~ 6 with H + ? 

(c) NH 4 OH would be required to give a solution that is 0.003 M with OH"? 

(d) NH 4 OH would be required to give a solution that is 0.0004 ilf with 
OH - ? 

Answers: (a) 0.215 M. (c) 0.5Af. 

14 . What concentration of the indicated salt would be required to give a 
solution of the ion concentration specified: 

(a) NaC 2 H 3 0 2 in 0.1M HC2H3O2, to give an H f concentration of 3 X 10 6 
mole per liter? 

(b) Ca(C 2 H 8 02)2 in 0.05 M HC 2 H 3 0 2 , to give an H + concentration of 
4.5 X 10 -5 mole per liter? 

(c) NH4OI in 0.02Af NH 4 OH, to give an OH - concentration of 3 X 10 6 
mole per liter? 

(d) (NH4) 2 S0 4 in O.lAf NH 4 OH, to give an OH - concentration of 4 X 10 3 
mole per liter? 

Answers: (a) 0.62 M. (d) 2.25 X 10 -4 M. 



CHAPTER V 

HETEROGENEOUS REACTIONS : SOLUBILITY PRODUCT 

The preceding chapter was devoted to ionic equilibriums of the 
type in which all the active components are in solution in a single 
phase. As would be expected, reactions between substances in 
different phases* are influenced by all those factors which affect 
homogeneous reactions and equilibriums; in addition, however, 
other factors brought into existence through the necessity for 
the transfer of reactant at the surface between the phases must 
be considered. 

Suppose that a zinc rod is inserted into a dilute solution of 
sulfuric acid. Bubbles of hydrogen will quickly form at the 
surface of the metal and rise to the surface of the liquid, the 
reaction being 

Zn + 2H+ -> Zn++ + H 2 (1) 

Just as in the case of homogeneous reactions, if the sulfuric 
acid is made more concentrated , the rate of the reaction will 
increase. Similarly, if the temperature is raised, or if a positive 
catalyst f is added, the rate of formation of hydrogen will increase. 

Obviously, this reaction occurs at the surface of the metal; 
so if the area of exposed surface is increased, the rate of the 
reaction will also increase. Thus, if the same rod were ground 
to a fine powder, the enormous new surface that would then be in 
contact with the solution would result in much more rapid reac- 
tion. If this illustration is typical, therefore, the rate of any 
heterogeneous reaction is proportional to the surface acted upon. 

The rate of diffusion is another important factor in changes 
occurring in heterogeneous systems. Since the reaction between 

* By reactions between substances in different phases are meant such 
things as reactions between a liquid and a solid, two immiscible liquids, a 
gas and a liquid — in other words, between substances that are separated by 
a boundary surface. 

t It should be recalled from general chemistry that if a metal low in the 
electrochemical series is dipped into the acid and brought into contact with 
the zinc, the rate of the reaction will increase. 
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H 4 * and metallic zinc occurs at the surface of the metal, it Ls 
obvious that the H + must move from wherever it may be in the 
solution to the surface of the metal before reaction can occur. 
Similarly, when a solid undergoes simple solution, the dissolved 
particles must diffuse away from the region near the surface of 
the solid; otherwise the adjacent solution becomes saturated, 
and the solution farther away remains unsaturated. For this 
reason the rate of any heterogeneous reaction is increased by 
stirring; for by stirring, the concentration of dissolved reactants 
at the surface is kept the same as that in other parts of the 
solution. 

Heterogeneous Equilibriums. The heterogeneous reactions 
of greatest interest to the analytical chemist are those between 
liquids and solids or liquids and gases. Most of those reactions 
are of the reversible type; if conditions are right, therefore, these 
reactions may reach a condition of equilibrium. Such an 
equilibrium, like others, may be shifted by changes in tempera- 
ture, concentration, or pressure. Consider, for example, a 
solution of sodium chloride in water. It will be recalled from 
the chapter on solutions that solid solute and dissolved solute 
are in equilibrium with each other only in a saturated solution. 
Consequently, the processes defining a saturated solution of 
sodium chloride may be represented by the equation 

NaCU ^ NaCl dissolved (2) 

In the chapter on ionization, however, it was pointed out that 
the dissolved NaCl is completely ionized. To be accurate, there- 
fore, the equilibrium must be represented as follows: 

NaCl* 0 . M i^Na+ + Cl- (3) 

Now suppose that the temperature of this mixture is increased. 
The heat of solutionf of sodium chloride is small but negative; 

* As was explained in an earlier footnote, solids are represented throughout 
this book by their formulas without regard to the question as to whether 
the crystal lattice is ionic or molecular. 

t When any solid is dissolved, heat is either absorbed or evolved. The 
quantity of heat evolved when 1 mole of the solid is dissolved is known 
as the heat of solution for that substance. The values given in handbooks 
may be either for solutions consisting of a stated number of moles of solvent 
to one formula weight of solute or for infinitely dilute solutions, since the 
dilution markedly affects the observed heat of solution. 

When the dissolving process is accompanied by the absorption of heat, 
oAlnfinn ia Q»ir1 tn he npnatwe. 
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consequently, an increase in temperature will cause the equilib- 
rium to shift somewhat to the right; i.e. y more of the solid will 
dissolve. This is in harmony with the information that a solu- 
bility chart gives (see Fig. 10) — the solubility of NaCl increases 
very slightly with an increase in temperature. 

Suppose that the concentration of one of the ions, either Na + 
or Cl~, is increased. This could be done by adding a highly 
soluble compound that has an ion in common with sodium 
chloride. For example, sodium hydroxide would furnish Na + , 
or hydrochloric acid would furnish Cl~. If a high concentration 
of either of these compounds is added to a saturated solution of 
sodium chloride, the equilibrium between the solid and its ions 
shifts to the left and some solid sodium chloride precipitates. 
The shifting of an equilibrium upon the addition of a compound 
furnishing ions of a type that are a part of the equilibrium is a 
very useful phenomenon known as the common ion effect. It 
should be noted that the addition of hydrochloric acid to this 
equilibrium mixture causes not only an increase in the quantity 
of solid sodium chloride but also a decrease in the concentration 
of the second ion , i.e ., the Na + , since the solid sodium chloride 
can be formed only at the expense of the Na + in the solution. 
As will be seen later, the common ion effect is used very fre- 
quently when it is desired either to make a precipitation more 
complete or to reduce the concentration of a given ion. 

Now suppose that instead of increasing the concentration of 
either the Na + or Cl“, one decreases the concentration of one of 
these ions. In that case more NaCl must dissolve partially to 
replace the ions removed. In general, therefore, one can dissolve 
more of any solid electrolyte by adding a reagent that will 
reduce the concentration of any kind of ion produced by the 
solid. 

In an earlier chapter it was explained that anything influencing 
the forward and reverse reactions of an equilibrium unequally 
will cause a shift in the equilibrium. In discussing hetero- 
geneous reactions it was pointed out that the rate of reaction 
between substancos in different phases is dependent upon the 
amount of surface exposed; consequently, the question as to the 
effect of surface upon the point of equilibrium of a reversible 
reaction must be considered. If saturated sodium chloride 
solution is used as an example, the two reactions involved are 
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NaCl (* 01 ^) -> Na+ + Cl~ (4) 

Na+ + Cl- NaCl(« 0 hd) (5) 

Now, both of these reactions occur at the surface of the solid 
NaCl. In other words, the dissolving of NaCI is a process of 
ions leaving the surface of the solid, whereas crystallization is a 
process of ions returning to that surface. If, then, the surface is 
increased, the rate of dissolving will increase; but the rate of 
crystallization will increase to exactly the same extent, since 
there is just that much more surface to which the ions can 
return. It becomes obvious, therefore, that the amount of sur- 
face has no effect upon the point of equilibrium. Applied to 
saturated solutions of solids in general, this means that the 
solubility of a solid is independent of the surface area of the solid 
in contact with the solution. The amount of surface affects only 
the rapidity with which equilibrium is attained * 

Although only systems of liquids and solids have been consid- 
ered thus far, gases and liquids behave similarly. Discussion of 
such heterogeneous equilibriums will be reserved, however, for 
the chapter on Hydrogen Sulfide. 

Heterogeneous Equilibriums and Dissolution. It was sug- 
gested earlier that in a saturated solution of a solid electrolyte 
if the concentration of any one of the ions of the electrolyte 
could be reduced, more of the solid would dissolve. Actually 
this is a general principle which may be applied to any elec- 
trolyte of limited solubility, regardless of state. Frequently the 
principle can be used only if one kind of ion yielded by the elec- 
trolyte is unimportant and can be destroyed or lost without 
defeating the purpose at hand; sometimes, however, the same 
thing can be accomplished by a reversible process which will 
permit later recovery of the ion removed. 

Although it is customary to speak of certain substances as 
being insoluble , actually none is completely insoluble. The 
solubilities of many substances such as silver chloride, calcium 
carbonate, barium sulfate, and ferrous sulfide are very low. Yet 
each is soluble to a very slight extent (see Fig. 11), e.g., a saturated 
solution of silver chloride being about O.OOOOlAf at 25°C. Con- 

* It has been found that very fine particles of some solids are somewhat 
more soluble than coarser particles. The particles ordinarily used or 
obtained, however, are not sufficiently small to show this effect. 
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soquently, the saturated solution of any salt, no matter how low 
its solubility, eon tains some dissolved material in equilibrium 
with the excess solid, and such compounds should be described as 
dightiy soluble rather than as insoluble. As to the nature of the 
dissolved substances, two facts should be recalled: (1) According 
to the modern conception, most salts are completely ionized even 
in concentrated solutions; and (2) according to accepted theory, 
ionization is always complete in infinitely dilute solutions. Many 
of the slightly soluble compounds considered in qualitative 
analysis are salts, and the saturated solutions of these slightly 
soluble salts are, naturally, extremely dilute. Consequently it 
may be assumed that all the dissolved electrolyte is completely 
ionized and that the saturated solution of any slightly soluble 
electrolyte represents an equilibrium between the undissolved 
solid and its ions in solution, e.g. } for AgCl 

AgCl( HOlM |> Ag f + Cl" (fi) 

On this basis, the problem of dissolving any slightly soluble 
electrolyte resolves itself into one of reducing the concentration of 
either the cation or the anion or both. 

Reduction in the concentrations of cations is usually effected 
by the action of reagents which react with the cations to form 
either (1) complex ions or (2) weak electrolytes. The first of these 
methods is best illustrated by the dissolving of silver chloride in 
ammonium hydroxide in the analysis of Cation Group I. As 
just pointed out, if silver chloride is allowed to remain in con- 
tact with water, an equilibrium will eventually be established 
between the undissolved solid and Ag + and Cl~ in the solution. 
If some ammonium hydroxide is added to this solution, the fol- 
lowing equilibrium will be established: 

Ag‘ + 2XH 3 Ag(NH 3 M* (7) 

* Although it is customary to w rite the formula for ammonium hydroxide 
as XH«OH, actually a largo proportion of the dissolved material is in the 
form of NHj molecules It is more truly representative of the nature of 
ammonium hydroxide solutions to assume the existence of the following 
equilibrium mixture : 

NH, + H a O ^ NH 4 OH ^ XH 4 + 4- OH- 
whieh shows ammonium hydroxide to he a source of XHj molecules as well 
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Since the complex ion* Ag(NH a )* + is entirely different from the 
simple silver ion in properties, this reaction reduces the concen- 
tration of simple Ag 4 * in the solution. The equilibiium 

AgCL.au) ^ Ag 4 * + CM (f>) 

must therefore shift to the right ; and if sufficient reagent has been 
used, the solid will dissolve. f 

In a similar way, (Mi(OH)* and (Ml(OH )2 in Group II are dis- 
solved in excess ammonium hydroxide to form (Mi (NIG) 4 +*' 
and C , d(XH a )i ++ , respectively; while Zn(()II) 2 , C T>(< )II) 2 , and 
Ni(()H) 2 in Group III are dissolved in ammonium hydroxide' 
ammonium salt mixtures to form Zn(XII 3 )4 4f , GoCNTI^o 1 \ and 
Ni(NHj)i 4+ , respectively. r rhe equilibriums involved may be 
illustrated by those for the dissolving of (Mi(OH)a in an excess 
of ammonium hydroxide: 

CufOII)*.,,^ -CV»* + 2(011 ) (8) 

(Mi 44 + 1NH 3 v- - (Mi(NHa)t* 4 (SI) 

The reaction of (Mi 4 4 with XIl 3 to form (Mi(NHa)i 4 f reduces the 
concentration of simple (Mi 44 ; consequently, equilibrium (K) 
shifts to the right, and some of the solid ( Mi (( )1 1)2 dissolve's. As 
this shift produces more (Mi ,+ , the NH a still remaining (remember 
that an excess was used) reacts with nearly all of these to form 


as of XII / and OH Indeed, there is excellent evidence to support the 
belief that few or no NH4OH molecules exist and that the equilibrium 
existing in a solution of ammonium hydroxide is more aeeuiately represented 
by the equation 

XII 3 + II *0 , ‘ Mid + OH 

* Ammonia forms complex ions with many metals, examples of these 
being the diammmc silver ion, Ag(NH„h 4 , the tetrammme euprie ion, 
Cu(XII 3 )4 M , the hexammine cobalt ion, Co(NIh)j +f , the tetramminc zinc 
ion, Zn(NH 3 )4 r+ , and many others 

The ammonia and other complex 1011s wdl be discussed much more 
fully in a later chapter. 

t The dissolving of a solid is often quite rapid, but the disappearance of 
solid is slow because the dissolving is partly offset by recrystallization. 
If, however, one or more of the types of ions produced are removed or 
changed as rapidly as they appear in the solution , the dissolving will take 
place almost as quickly as if it were irreversible Consequently, if even 
dry AgCl is treated with an aqueous solution of ammonium hydroxide, the 
solid will usually dissolve quite rapidly. 
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more Cu(NH 3 ) 4 ++ . In other words, reaction (9) keeps reducing 
the Cu ++ concentration, while reaction (8) replenishes it. Even- 
tually, therefore, if enough ammonium hydroxide is added, all 
the solid disappears.* 

The dissolving of mercuric iodide, if an excess of potassium 
iodide is added in testing for mercury in Group I or Group II, 
is another illustration of dissolution caused by complex ion for- 
mation. If a limited quantity of I~ is added to a solution of 
Hg + +, the reaction 

Hg^ + 2I-^HgI 2 c BO u d ) (10) 

occurs; but if an excess of I~ is used, the reaction goes further: 

Hglsuoiid) + 2I~ Ilglr* (U) 

The sulfides of copper and of silver can be dissolved readily in 
solutions of sodium or potassium cyanide. The reactions for 
silver are 

Ag 2 S(.„i M |) 2Ag + + S-" (12) 

Ag 4 + 2CN ^Ag(CN) 2 ~ (13) 


* It will be noticed that the equations for the formation of complex ions 
are written as reversible reactions This means that not all the Cu + + and 
not all the Nib are removed from the solution by reaction (9) If, there- 
foie, a reagent is added that is capable of effectively reducing the concen- 
tration of eithci Tu 4 h or NH 3 , reaction (9) will be shifted to the left onco 
more 

This principle is used in the procedure for Cation Group I, in which 
AgCl is first, dissolved m NH4OII to separate it from Hg.CL and then, after 
filtering, the solution containing Ag(NH 3 ) 2 + and Cl" is acidified with nitric 
acid to repreeipitatc the AgCl. The reactions involved are 

AgCUoi.d) ^ Ag 4 - + Cl~ (6) 

Ag + + Cl" + NH 3 ^ Ag(NH 3 ) 2 + + Cl" (6a) 

NH 3 + H + ^±NH 4 + (66) 

Note that reaction (6) goes to completion to the right because reaction (6a) 
removes Ag + as fast as AgCl goes into solution. The resulting solution 
contains Ag(NH 3 ) 2 + and Cl". When nitric acid is added to this mixture, the 
H + from the acid reacts with the NII 3 molecules, which, with a very low 
concentration of Ag + , are m equilibrium with the complex ions. Thus, in 
reaction (66) the NH 3 is removed by reaction with to form NH 4 + . Reac- 
tion (6a) must therefore shift to the left, resulting in an increase in the 
concentration of Ag f . This, in turn, causes reaction (6) to shift to the 
left, producing solid AgCl. 
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Still another way of reducing the cation concentration can he 
used for the compounds of certain metals. The hydroxides of 
.'these particular metals not only are able to undergo normal 
neutralization reactions with st»ong acids but also are able to 
react with very active bases. Such hydroxides, known as 
amphoteric hydroxides , are exemplified by the hydroxides of lead, 
tin, antimony, zinc,, chromium, and aluminum. Although there 
is some question as to exactly what happens when the hydroxides 
of any of these metals dissolve in an active base, their behavior 
is most simply illustrated by assuming that these hydroxides are 
capable of ionizing to form not only the simple cation and 
hydroxyl ions but also hydrogen ions and anions containing the 
metal. For example, Zn(()H) 2 might be considered as ionizing 
in the following two ways: 

Zn(OII) 2 ( so i ul j ^ Zn ++ + 2 (OH - ) (14) 

Zn(( )H) 2 (sohd) ^ H+ + HZn0 2 ' (15) 

According to this conception,* any mixture of Zn(()H) 2 and water 
will contain the following equilibrium mixture: 

Zu++ + 2 (OH - ) T Zn(OII) 2 l ;-± H »■ + HZn() 2 (14, 15) 
[II 2 Z 11 O 2 J(sohd) 

If a base is added, the OH - from the base will react with the H + 
in this mixture to form water. The reaction will shift to the 
right, therefore, and the solid will dissolve, yielding a solution 
containing hydrogen zincate ions, HZn0 2 ~\ 

Slightly soluble salts of those metals whose hydroxides are 
amphoteric will often dissolve in solutions of active bases. In 
Cation Group II, for example, the presence of lead is confirmed by 
the solubility of its chromate in NaOII solution. The reactions 
involved are 

Pb0r0 4 cs„iid) ^ Pb Cr0 4 - (16) 

Pb++ + 3 (OH - ) ^ IIPb0 2 - + H 2 0 (17) 

The second method used to reduce the concentration of a cation, 
i.e.j by the formation of a weak electrolyte, is best illustrated by 

* One theory postulates the formation of complex ions in reactions between 
the cation and OH“. This will be treated 111 the more detailed discussion of 
amphoterism in Chap. VIII. 
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the dissolving of lead sulfate in concentrated ammonium acetate 
or sodium acetate solution (see the Cation Group II procedure). 
Lead acetate is very soluble but only slightly ionized; consequently, 
if a warm, concentrated solution of ammonium acetate is added 
to solid lead sulfate, the reaction 

PbS0 4 («M> ^ Pb++ + S0 4 - (18) 

is shifted toward the right, owing to the removal of Pb ++ by the 
reaction 


Pb++ + 2C 2 H 3 0 2 - ^ Pb(C 2 H 3 0 2 ) 2(glightly jonizwl) (19) 

The law of mass action is applied effectively by the use of a high 
concentration of the acetate to force the last reaction well 
toward completion. 

Thus far we have considered the removal of only cations as a 
method of dissolving precipitates. Even more widely used, 
however, are reactions that reduce the concentration of the 
anions. Since the methods used depend upon the nature of the 
anion, these anions are best considered individually. The more 
common of those used in analysis to produce slightly soluble 
compounds are OH", S“, COa”, Cr0 4 ", and P0 4 ~; consequently, 
these anions will be considered here. 

Hydroxyl ions can be removed most effectively by the addition 
of acids, the OH" reacting with H + from the acid to form water. 
The dissolving of slightly soluble hydroxides in acids can be illus- 
trated by the reaction between lead hydroxide and nitric acid:* 

Pb(OH) 2 (.oiid) ^ Pb ++ + 2(OH~) (20) 

OH" + H+ ^ H 2 0 (21) 

Sulfides are dissolved by (1) the addition of H + to form the 
very slightly ionized and only moderately soluble compound, 
hydrogen sulfide; (2) the oxidation of S~ to elementary sulfur 
or to S0 4 “; or (3) the reaction of the cation with excess S ra to form 
anions in which the metal is combined with sulfur — such as thioar- 


* It should be apparent that any reagent used to dissolve a solid must be 
chosen with proper consideration for any effect that the second ion may 
have. For example, though H2SO4 would furnish the necessary H 4 for 
this reaction, the S0 4 “ would immediately reprecipitate the Pb ++ as the 
very slightly soluble PbS0 4 . This would naturally defeat the purpose for 
which the reaction was being perfoimed. 
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senite, AsS 3 ^, and thiostannate, SnS 3 *“, ions. As a complete 
discussion of these relationships is given in the chapter on 
Hydrogen Sulfide, the subject will not be treated here. 

Carbonates are readily dissolved in acids owing to the for- 
mation of slightly ionized HCOr and H 2 C() 3 , and the decomposi- 
tion of the latter to form H 2 0 and CO*. In Cation Group IV, 
for example, the metals are first precipitated as carbonates, and 
then the carbonates are dissolved in acid. If barium carbonate 
is used for an example, the steps in the dissolving of these carbon- 
ates are as follows; 

BaOO^ohd) ^ Ba ++ + 0O 3 ~ (22) 

cor + 2H+^H 2 C().i (23) 

H2CO3 ^ HfO + C0 2 T (24) 

The gas, C0 2 , whose solubility is not great even in cold water, is 
readily driven from the mixture by heat. This causes equilibrium 
(24) to shift to the right and thereby removes H 2 C() 3 . In turn, 
equilibrium (23) must shift to the right, and the concentration of 
CO3" is consequently reduced. This causes equilibrium (22) to 
shift to the right, and the solid dissolves because the removal of 
COr prevents the attainment of equilibrium between the solid 
and its ions. 

Chromates may be dissolved either (1) by reducing Cr(V' to 
Cr +++ , or (2) by the addition of H+ to convert the chromate, 
CrOr 3 , to dichromate, Cr 2 0 7 ~.* Thus, one of the most effective 
ways to dissolve BaCr0 4 is to add hydrochloric acid and warm 
the mixture: 

BaCr0 4 ( BO i ld ) ^ Ba++ + Cr0 4 ~ (25) 

2CrOr + 2H+ ^ Cr 2 0 7 “ + H 2 <) (20) 

Cr 2 0,= + 14H+ + 6C1- ^ 2Cr+++ + 7H 2 0 + 3('l 4 t (27) 

* The diehromate ion is really an acid chromate , two ions of which have, 
between them, lost one molecule of water. A chromate can be readily 
converted to a dichromate simply by acidifying the solution- 

CrOr 4 II+^HCrOr 
2HCrOr ^ Cr 2 0 7 - 4 H 2 0 

As indicated in these equations, the process is reversible; consequently, any 
solution that contains CrOr also contains some 0r 2 0 7 ~, and any solution 
that contains Cr 2 07”* also contains some OrO*”. Also, dichromates can bo 
readily converted to chromates simply by addition of a base, since the OH~ 
of the base will remove H + by reacting with it to form H*0. 
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If the concentration of H + is high, reaction (26) alone will cause 
much of the BaCr0 4 to dissolve, as is evidenced by the fact that 
nitric acid, which is incapable of reducing Cr 2 0 7 ”, is a moderately 
good reagent to use for dissolving BaCr0 4 . Indeed, many 
chromates, such as Ag 2 Cr0 4 and SrCr0 4 , are readily dissolved 
via reaction (26), even such weak acids as acetic acid yielding 
sufficient to accomplish this. 

The salts of weak acids in general dissolve in — or at least react 
with — strong acids. Phosphates, for example, usually are soluble 
in nitric acid. The reactions involved may be illustrated by 
using Ca 3 (P0 4 ) 2 : 


Oa 3 (P() 4 ) 2 u lM p ^ 3Ca++ + 2P0 4 - (28) 

PO-r + H+ ^ HPOr (29) 

HPOr + H 2 P0 4 “ (30) 

H 2 P0 4 ~ + H+- H 3 P0 4 (31) 


Heterogeneous Equilibriums and Precipitation. The applica- 
tion of equilibrium principles to the dissolving of slightly soluble 
electrolytes has been discussed in some detail in the preceding 
pages. Now, however, it is necessary to consider how these 
slightly soluble substances can be formed. It has been pointed out 
repeatedly that, under identical conditions, the same equilibrium 
mixture will be obtained regardless of which of the two opposing 
reactions of the system may be used at the beginning. If, for 
example, water is saturated with AgCl, the equilibrium 

AgCl( Kohd ') ^ Ag + + Cl- (6) 

will be produced. On the other hand, if a solution containing 
Ag + (e.g. } silver nitrate solution) is added to a solution containing 
an equivalent quantity of Cl” (e.gf., hydrochloric acid or sodium 
chloride solution), some AgOl will precipitate* and the equilibrium 
will again be set up. If, therefore, it is desired to precipitate 
AgCl from a solution containing Ag + , it is necessary only to add 


* Sometimes the precipitation of slightly soluble compounds is delayed by 
formation of a supersaturated solution. The relationships illustrated here 
naturally do not apply to supersaturated solutions, since the solid and the 
ions in solution are not in equilibrium under those conditions. The same 
is true if there is not sufficient Ag + and Cl“ to cause any solid AgCl to form, 
i.e ., if the solution is unsaturated. 
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to it a solution containing (T~ and the reaction 

Ag+ 4- Cl- ^ AgChaoju,) (32) 

will take place 

In general, to cause a precipitate of a given slightly soluble 
electrolyte to form, it is necessary only to add a sufficiently con- 
centrated solution of the desired cation to a solution of the desired 
anion. Thus, to precipitate BaS() 4 from a solution containing 
Ba ++ , add a solution containing S0 4 “ (e.gr., K 2 S() 4 or 1I 2 S() 4 
solution) : 

Ba++ + S0 4 ~ ^ BaSO4.Ho.ui) (33) 

To precipitate a slightly soluble sulfide such as CdS from a solu- 
tion containing Cd f+ , add a source* of S such as Ii 2 S: 

Cd-H- + S^UVIS.^,,, (34) 

while to precipitate a slightly soluble hydroxide such as Cu(OII) 2 
from a solution containing ( 1 u ++ , add a solution of a base: 

("11++ + 2(()H-) ^ Cu(OH) 2 ^ m1 > (35) 

In each case, however, it is necessary to consider other possible 
factors in choosing the reagent and in determining conditions. 
For example, ammonium hydroxide would be a poor choice of 
bases to use to precipitate Cu(OH) 2 , since can* would be required 
to prevent part or all the Cu(OH) 2 from being redissolved owing 
to the formation of Ou(NH 3 ) 4 ++ . 

Similarly, it would be difficult if not impossible to precipitate a 
given metal sulfide from a solution containing reagents in which 
that sulfide is soluble. Thus, CuS is soluble in KCN solution: 

CuSwuO ^ Cu++ 4 S™ (36) 

2Cu++ 4 8CN- ^ 2Cu(ON)r + C 2 N 2 (37) 

Consequently, if a sufficiently great excess of KCN is added to a 
solution containing Cu+ + , the concentration of the Cu ++ is reduced 
to such a low value that it is impossible to precipitate CuS from 
the solution by adding hydrogen sulfide. 

Likewise, solids that are soluble in acids cannot be precipitated 
from solutions of high H + concentration. Many examples of this 
type of phenomenon will be found during the study of the analyti- 
cal procedure. 
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Solubility Products. Thus far the relationships between solid 
electrolytes and solutions containing their ions have been con- 
sidered only qualitatively. For more accurate work and for use 
in accurately 'predicting the dissolution or precipitation of given 
substances under specified conditions, quantitative relationships 
are essential. 

Again consider, for example, a solution in which Ag+ and 01“ 
are in equilibrium with solid AgCl. Regardless of whether the 
equilibrium mixture was prepared by mixiug solutions containing 
Ag + and Cl“ to form solid AgCl or by saturating water by shaking 
it with solid AgCl, the equilibrium mixture ma> ^presented 
by the equation 

AgOhsohd) ^ Ag + + Cl“ (6) 


Since this is a true equilibrium, the law of mass action may be 
applied to it quantitatively; consequently, the relationship 


[Ag +i_m = K 

[AgCl (Mini)] 


( 38 ) 


holds true. Now it will be recalled from the earlier discussion of 
factors influencing heterogeneous equilibriums that the point of 
equilibrium of a heterogeneous system is independent of the 
amount of surface or the total quantity of any solid taking part 
in the reaction. In other words, as long as some solid is present, 
its effect on the point of equilibrium is the same, whether there is 
little or much solid. Consequently, the effective “concentration” 
of the solid is constant. If, then, the preceding equation is rear- 
ranged algebraically, 


[Ag+][C1-] = X[AgCl (8olld >] (39) 


and if it is recalled that in mathematics, the product of two con- 
stants is equal to a third constant, one can obtain the simplified 
expression 

[Ag+][C1-] = X 8P . (40) 


in which K B p , which is known as the solubility-product constant , is 
substituted for the product of the two constants K and [AgCF*,^]. 

It will be noted that during the derivation of this equation, no 
restrictions were made as to the method by which equilibrium was 
attained — it was necessary only that the system be at equilibrium. 
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Consequently, this equation means that regardless of how the 
system was formed, at equilibrium the product obtained by 
multiplying the molar concentration of Ag+ in the solution by that 
of the Cl - (in other words, the ton product) must equal a constant. 
If therefore, any two of the three terms involved in this equation 
can be evaluated, the third term can be calculated just as in any 


Table IV. — Solubility-product Const\nts* 


Salt 

Temperature, 

°C 

Constant 

AgBr 

25 

7 7 X 10“« 

AgCl 

25 

1 6 X 10“° 

AgCN 

20 

2 7 X 10 12 

Ag 2 C0 3 

25 

8 2 X 10- 12 

Ag 2 Cr0 4 

25 

3 3 X 10 12 

Agl 

25 

1 5 X 10“ 18 

AgSCN 

18 

5 X 10“ 3 

BaCO, 

25 

8 X 10“ 

BaCr0 4 

25 

2 2 X 10“° 

BaS0 4 

25 

1 0 X 10 10 

CaOO* 

25 

8 X 10- 8 

CaC 2 0 4 

25 

2 0 X 10“ 

CaF 2 

25 

3 8 X 10 -n 

CaS0 4 

25 

2 3 X 10 4 

Fe(OII) 2 

18 

1 6 X 10-“ 

Fe(OH) 3 

18 

1 l x io-« 

MgCO, 

12 

1 9 X 10“ 

Mg(OH) 2 

18 

2 X 10“ l 

PbC0 3 

18 

3 3 X 10 14 

PbCr0 4 

18 

1 8 X 10“ 4 

PbS0 4 

18 

1 0 X 10“ 

SrC0 3 

25 

1 6 X 10“ 

SrCr0 4 

25 

3 6 X 10“ 

SrS0 4 

25 

2 8 X 10“ 

Ag 2 S 

CdS 

CuS 

FeS 

HgS 

MnS 

NiS 

PbS 

i 

oooooooo 

t 1 . 1 ^ 1 • 1 

ZnS 

! 

1 2 X 10“ 3 


* Most of these constants were obtained from Hammett’s “ Solutions of Electrolytes. 
1936. 
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other algebraic equation. For all slightly soluble electrolytes in 
which the cation and anions have equal valences, i.e., uni-uni- 
valent, bi-bivalent, etc., compounds,* a similar expression can be 
derived. The numerical value of the solubility-product constant, 
however, will be different for each substance (see Table IV). 
Thus, the solubility-product expressions for BaS() 4 and for CaC0 3 
are, respectively, 

[Ba++][S() 4 =] = = 1 X 10- 1 " (41) 

[Ca++][C(V] = K hv = 8 X 10- 8 (42) 

For salts of other types, the solubility-product expressions are 
slightly more complicated, that for the uni-bivalent salt Ag 2 Cr0 4 
being 

[Ag + ][Ag 4 ][0rO 4 ~] = K hv 
or 

[Ag+] 2 [Or() 4 i = K Bf> (43) 

while that for the bi-univalent compound Mg(OH) 2 is 

[Mg++][OH-][OH-] = 
or 

[Mg ++ ][()H ‘J 2 = K hv (44) 

and that for SnS 2 is 

[Sn++++][Si[Si = K\ p 
or 

[Sn++++][Si 2 = K ap . (45) 

It can be seen from these illustrations that the solubility- 
product constant of any slightly soluble compound is equal to the 
mathematical product of the molar concentrations of the ions that 
it forms, the concentration of each ion being raised to a power 
equal to the number of that kind of ions in the formula. For 


* Electrolytes are sometimes classified according to the valence types 
represented in their formulas The first part of the classification applies 
to the cation, whereas the latter part refers to the anion For example, in 
Na 2 S0 4 the cation, Na + , has a valence of 1, while the anion, S0 4 ", has a 
valence of 2. This compound is therefore a uni-bivalent compound. Simi- 
larly, NaCl is uni-univalent; CaCOs is bi-bivalent; CafOH) 2 is bi-univalent; 
etc. 
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example, in Sb 2 S 3 there are (wo Sb +f and three S™ in the formula. 
The solubility-product expression is, therefore, 

[Sb+'+HB-]* - A'„ p (40) 

A general formula for the solubility-product expression for any 
slightly soluble electrolyte, M y X Z) would therefore be 

ml xy = K m „ (47) 

With these principles in mind it is now possible to define much 
more accurately the conditions necessary to cause a slightly 
soluble electrolyte to precipitate or to dissolve. Before such a 
compound will precipitate from a solution, the ion product must, 
momentarily at least, exceed the value for the solubility-product 
constant for the compound. On the* other hand, for a slightly 
soluble electrolyte to dissolve, the ion product must be less than the 
solubility-product constant. For example, consider a solution 
containing Ag+ and Cr0 4 ~ in contact with solid Ag 2 ('r() 4 . If 
the ion product [Ag h ] 2 [(Y() 4 ~] is made greater than the solubility- 
product constant for Ag 2 Cr( > 4 , more solid will form. ( )n the other 
hand, if this ion product is less than the solubility-product constant, 
some of the solid will disappear. If the ion product exactly equals 
the solubility-product constant, the amount of solid in contact 
with the solution will not change. 

Although the K nv for any given compound is, in general, a true 
constant, it will vary if certain factors are changed. The factors 
that cause such changes are as follows: 

1. Changes in Temperature. It will be noted that the values 
given in Table IV are at specified temperatures. * As was pointed 
out in the chapter on Solutions, the solubilities of most sub- 
stances vary widely with changes in temperature (see Fig. 11). 
Since the solubilities of solids generally increase with increases in 
temperature, the solubility-product constants for most solids also 
increase with increases in temperature. 


* The temperatures are not specified for the metal sulfides, for unusual 
difficulties m determining the solubility-product constants for sulfides make 
the values as given only approximations. The error involved in disregarding 
the temperature effect for sulfides is no greater than are the errors in deter- 
mining the value of these constants. 
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2. Changes in Solvent. The solubility-product constants given 
in such tables are for solutions of the slightly soluble substance in 
water. For other solvents or even for mixtures of water and other 
liquids, the constants depart widely from these values. This 
fact is sometimes used in analysis to precipitate certain com- 
pounds more completely. Most salts are much less soluble in 
ethyl alcohol or mixtures of ethyl alcohol and water than they are 
in pure water— in other words, their solubility-product constants 
are much smaller in alcohol or alcohol-water mixtures than in 
water alone. Thus, in Cation Group IV the precipitation of 



SrCr0 4 is made much more nearly complete by the addition of 
ethyl alcohol to the mixture 

3. Solutions of High Ion Concentration. It was pointed out in 
the discussion of the modern theories of electrolytes that when the 
total concentration of ions in a solution is great, the ions inter- 
fere with one another and thus slow their movement through the 
solution. Since the rate of crystallization in a saturated solution 
is dependent upon the rate at which ions can diffuse through the 
solution, obviously if the total ion concentration is great, the rate 
of crystallization will be less than would be expected if such a 
“dragging” effect did not exist. In the equilibrium representing 
a saturated solution of thallous chloride, 

TlCh^; ^ T1+ + Cl- 


(48) 
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anything that retards the reverse reaction will cause more T1C1 to 
go into solution. That high ion concentrations produce such an 
effect was shown by Bray and Winninghoff, who found that T1C1 
has a solubility of 0.010 mole per liter in pure water while in 
0.01 M KN0 3 solution, which contains no ions in common with 
those from T1C1, it has a solubility of 0.019 mole per liter. Evi- 
dently, then, the solubility-product constant for a given substance 
will change if the total ion concentration becomes great. This 
phenomenon, which is another illustration of the salt effect , is pro- 
duced by even moderate concentrations of any strong electrolyte. 

It should be pointed out also that owing to the fact that a 
saturated solution of any fairly soluble salt has a high ion con- 
centration, the salt effect produced by the substance itself in such 
a solution is so great that a solubility-product expression for it 
could have no usable quantitative meaning. Consequently, 
solubility-product expressions are never applied to any but 
slightly soluble electrolytes . 

Although the salt effect of the usually rather high concentration 
of ions used in qualitative analysis* materially decreases the 
mathematical accuracy of the solubility-product relationship, 
this relationship may be used for many useful estimations. Exam- 
ples of such problems will be considered now. 

Problem 1. A dilute solution of HOI is added, a little at a time with 
stirring, to a Cation Group I unknown which contains only AgN() 3 . When 
the precipitation seems complete, the solution is found to ho 0 01 At with 
Cl“. If the ions m the solution arc at equilibrium with solid AgCl, what is 
the concentration of Ag^ left m the solution? 

a. Since the equilibrium is between Ag + and Cl - and solid AgCl, the 
solubility-product relationship for AgCl must be satisfied. This relationship 
is 

[Ag+lia-1 - K mp (40) 


* If activities , i.e. y concentrations corrected for the salt effect, are used 
instead of actual concentrations, the range of usefulness of the solubility 
product is greatly increased and these relationships may he applied accu- 
rately to solutions in which the salt effect is quite pronounced. The relation- 
ship for AgCl would then be expressed 

X flcl — p 

where oa * + is the activity (or effective concentration) of Ag + and ac,i~ w 
the activity of Cl”. 
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b. In Table IV it is found that the solubility-product constant for AgCl 
is l.C X 10~ 10 ,* also, the original problem stated that the concentration of 
Cl” was 0.0 IM when equilibrium was finally established Substituting 
these values in the foregoing equation, one obtains the expression 


[Ag + ](0.01) 

[Ag + ] 


1.6 X 10~ 10 

1.6 X 10“ 10 1.6 X 10” 10 

0 01 1 X 10” 2 


1.6 X 10- 8 il/ 


Problem 2. If a certain solution is 0.1 M with Mg ++ , what concentration 
of OH“ will be required to cause Mg(OH) 2 just to start precipitating? 

a. First, the solubility-product expression for the slightly soluble com- 
pound, Mg(OII) 2 , must be formulated. This is 

[Mg ++ ][OH“] 2 - K nv (44) 


b. The K h p for Mg(OH) 2 , as obtained from Table IV, is 2 X 10” 11 ; the 
concentration of Mg ++ as given in the statement of the problem is 0.1,1/. 
By substituting these values in the preceding equation, one obtains 

(0.1) [OH"] 2 = 2 X 10- 11 
2 y 10” 11 

[OH”] 2 - - 2 X 10-i« 

[Oil-] = V2 X 10“ l « * 1.4 X 10- 6 ,1/ 

Problem 3. If the solubility-product constant for Fe(OH) 2 is 1.64 X 10~ 14 , 
(a) what is its solubility m moles per liter and ( b ) what is the concentration 
of OH” in its saturated solution ? 

a. Again the solubility product expression must be formulated: 


[Fe H ][OH”] 2 = A'„ p = 1 64 X 10~ 14 

b. Now let the solubilitv of this compound, in moles per liter be repre- 
sented by S. This means, therefore, that 1 liter of the saturated solution 
of Fc(OH) 2 contains S moles of the solute. It will be remembered, however, 
that the dissolved solute is considered completely ionized. So the S 
moles in each liter will give S moles of Fe ++ and 2*Sf moles of 011“ per 
liter of saturated solution. Therefore, in the saturated solution the con- 
centrations of the ions arc 

[Fe ++ ] = S moles per liter 
[Oil - ] = 2 S moles per liter 

Substituting these values in the equation for the solubility-product constant 
gives 

(S){2S)* - 1.64 X 10" 14 
/. 4 S* =» 1.64 X 10" 14 

s - x 10 -« = x.6 x 10-m 


* In these problems it will be assumed that the data are given for a tem- 
perature that does not differ significantly from those for which the required 
constants are given in Table IV. 
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c. As was explained earlier, the concentration of 01I~ in a saturated 
solution of Fo(OH )2 is twice the solubility of this compound; i.e., 

[OH“] = 2 S 

.*. [OH“] = 2(1.6 X 10‘) - 3 2 X 10 6 mole per liter 

Problem 4. If the solubility of Sb 2 S 3 is 1.75 X 10“* g. per liter, what 
is the solubilitv-product constant for this compound? 

a. The expression for the solubility product of this compound is 

[8b +44 ]*[S~]* = K ev (46) 

b Let S be the solubility, in moles per liter, of Sb 2 S a . Then the concen- 
tration of ions in the saturated solution will be 

[Sb +f+ ] - 2 S 

[S-J - 3 S 

Substituting these equivalents in the preceding expression, one obtains 

(2tf)*(aS)» - A* ,, 

/. (4$ 2 ) (27$ *) = K n „ 

/. 108$ 6 - A r . p 

e . In the problem, the solubility of Sb 2 S 3 was stated as 1.75 X 10~ 3 g. 
per liter, $, however, represents this solubility m moles per liter. Conse- 
quently, S must be evaluated by dividing 1.75 X 10 3 by the gram-mole- 
cular weight of SIJ2S3, or 

S = 1.75 X 10~ 3 4- 339.7 = 5.1 X 10~ fl mole per liter of HhSt 

d. Substituting this value for $ in the expression 

108$* = A% p 

derived above, one obtains 

108(5 1 X 10-«) 6 
.*. - 108(3 45 X 10~ 27 ) 

= 3.72 X 10' 26 

Selective Precipitation. If a solution containing S~ is added to a 
solution containing Cu++ and Na + , the only precipitate that will 
form is CuS— for CuS is only slightly soluble, while Na 2 S is 
extremely soluble. When the possible products differ as widely 
in solubility as do these two compounds, such phenomena can be 
easily predicted. However, suppose the solution contained 
Cu 4 ” 4 and Cd 4 " 4 . The addition of S“ might result in the formation 
of CuS, of CdS, or of both, for each of these compounds is only 
slightly soluble. The questions arise, then, “ If S~ were added to 
such a mixture, which would precipitate first, CuS or CdS?” and 
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“How much (in terms of concentration) of the ion that precipi- 
tated first would be left when the other began to precipitate ?” 
The answers to such questions serve as the basis for many sepa- 
rations in qualitative analysis. For example, the Group II cations 
are precipitated as sulfides, leaving Groups III, IV, and V in 
solution. Yet later some of the Group III cations are precipitated 
as sulfides , in spite of the fact that these same metals remained in 
solution while Group II cations were being precipitated from that 
same solution ! Similarly, though Mg(( )H) 2 is only slightly soluble 
in water, the solution can be made basic during the precipitation 
of Groups III and IV without precipitating any Mg(OH) 2 ! 

The success of these procedures depends upon differences in 
the solubility-product relationships and constants for the slightly 
soluble compounds involved. For example, consider a solution 
that is 0.1 M with Cu 44 , Cd 44 , Fe 44 , and Zn 44 . Of these, the 
Cu 44 requires the lowest concentration of for precipitation to 
start; the Cd ++ is next; and the Zn 44 , next; while the Fe 44 requires 
the highest concentration of S- to initiate precipitation. Con- 
sequently, if a solution containing S“ were added, little by little, 
to this solution (the mixture being stirred, allowed to stand until 
equilibrium was attained, and filtered after each addition), black 
CuS (K H p = 10“ 42 ) would be the only product at first; then when 
the concentration of Cu 44 became sufficiently low, yellow CdS 
(K hd = 10~ 29 ) would form. When the Cd 44 , in turn, was reduced 
to a sufficiently low concentration, white ZnS (K 9 p = 1.2 X 10~ 23 ) 
would form; and finally, when much of the Zn 44 was gone, black 
FeS (K n p = 10~ 19 ) would precipitate. 

Such differences in the concentration of S” required to precipi- 
tate the sulfides of the different metals make it possible to precipi- 
tate certain metals and leave others in solution. This is essentially 
what is done in precipitating Group II while leaving Group III 
in solution. The method of control of the S~ concentration will 
be discussed in the chapter on Hydrogen Sulfide, but typical 
mathematical relationships among representative cations and 
anions can be considered here. 

Problem 5. Suppose that a solution of AgNCb were added to a solution 
that is 0.13/ with CrOr and 0.121/ with Cl”. (a) Which would precipitate 
first, Ag 2 Cr0 4 or AgCl? ( b ) What would be the concentration of the 
first anion which precipitated, at the moment the other anion starts to 
precipitate? 



SELECTIVE PRECIPITATION 


90 


a. If the concentration of Ag H needed to make the ion product, [Ag 4 ][Cl“], 
equal to the /C 8p for AgCl is compared with the concentration of Ag + 
needed to make the ion product, [Ag + ] 2 fCr0 4 = l, equal to the K HV for 
Ag 2 Cr 04 , the smaller value obtained will be for the compound that will 
precipitate first. Since the concentration of Cr0 4 ~ is 0.1M, the necessary 
concentration of Ag + for the Ag 2 Cr 04 can be calculated as follows: 

[AK+PIOOrl = K av (43) 

/ [Ag + ] 2 (0 1) = 3 3 X 10~ 12 

••• [Ag + ] = sj- 3 12 = V&f x i<F fs = 5 74 X 10-M/ 


r rhe Ag + needed for the AgCl is calculated as follows: 


fAg + ][Cl‘] = K> P 
[Ag + ](0 1) = 1 (i X 10 10 


.*• [Ag + ] 


1 6 X 10- 10 
10' 1 


= 1.6 X 10“° Jf 


(40) 


Since only 1.6 X 10 ~ 9 mole per liter of Ag 4 is required to make the solution 
saturated with respect to Ag 4 and Cl , whereas 5.7 X 10 b mole per liter 
would be required to saturated it with respect to Ag 4 and Cr0 4 = , the AgCl 
will precipitate first. 

b. The calculations given above showed that the first substance to pre- 
cipitate is AgCl. As more Ag 4 " is added, more AgCl will precipitate, but 
as this happens, the concentration of Cl" will decrease and that of Ag 4 will 
increase. Eventually, the Ag 1 will have increased until the ion product, 
[Ag 4 l 2 [Cr0 4 “], very slight!” exceeds the for Ag 2 Cr0 4 . Part ( b ) of 
this problem asks what the concentration of Cl" will be at this moment. 
Now when both compounds are precipitating, the solubihhf-pi odint lelalwn- 
ships for both must be satisfied , for the solution is saturated with respect to 
both However, only an insignificant quantity of the (VO 4 “ has yet been 
precipitated, consequently, its concentration may still be considered 0 1 M. 
The concentration of Cl" remaining can be calculated, then, 111 either of 
two wavs: 

(1) The concentration of Ag 4 needed for the solution to be saturated 
with respect to Ag 1 and Cr0 4 r was calculated in (a) and was found to be 
5.7 X 10~ r, 4/. But this same Ag 4 " controls the Cl" concentration There- 
fore, the latter may be calculated by substituting this concentration for 
the Ag+ in the expression 

[Ag + ][C1 1 = A'.p 

/. (5.74 X 10-»)[C]-1 = 1 B X 10-'» 

1 R V in-in 

••• ^ = 5 47 X 10 - = 2 - 75 X 

(2) Since the solution is saturated with respect to the ions of both com- 
pounds, both of the following hold true: 

[Ag 4 ] 2 [Cr0 4 “] = K bp = 3.3 X 10 12 
[Ag f ][Cl~l - K* v - 1.6 X 10- 1 * 
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Now since both are in the same solution, [Ag + ] is exactly the tame for both 
expressions . Consequently, it may be eliminated from consideration as 
follows: 


[Ag f l(Cl~] - 1.6 X 10~ 10 
/. [Ag + ]*[C1-] 2 = (1.6 X 10- 10 ) 2 = 2.56 X lO" 20 
JAg + l 2 [Cl“] 2 2J36 X 10- 
[Ag+HCrO'r] “ 3.3 X lO" 12 


= 7 7 X 10“ 9 


[ci-1 2 


[CrO 


^ - 7.7 X 10 -9 


But the CrO 4 ” has a concentration of 0.1 mole per liter. Substituting 
this in the foregoing, one obtains 


[CM 2 
0 1 


- 7.7 X 10~ 9 


[Cl~] = a/ 7.7 X lO" 10 = 2.7 X 10~ 5 mole per liter 


SUMMARY 

Heterogeneous reactions are those between substances in different 
phases. The rates of such reactions are dependent upon tempera- 
ture, catalysts, and concentration, as are other reactions, and also 
upon the amount of surface and the rate of diffusion. 

Heterogeneous equilibriums are affected by the same factors as 
are other chemical equilibriums. The point of equilibrium is 
independent of surface, since both reactions are affected equally 
by the amount of surface. 

Saturated solutions of electrolytes of limited solubility are 
examples of heterogeneous equilibriums. Some of the solute can 
be forced from such solutions by adding a high concentration of 
any very soluble strong electrolyte that has an ion in common with 
the solute. As this precipitation occurs, the concentration of the 
second ion is thereby diminished. This phenomenon is an example 
of the common ion effect. 

As is predicted from Le Chatelier’s principle, increasing the 
temperature increases the solubilities of those substances whose 
heats of solution are negative, i.e ., which absorb heat while dis- 
solving. Similarly, diminishing the concentration of either the 
cation or the anion of any electrolyte in its saturated solution will 
cause some of any excess solute to dissolve. Slightly soluble 
electrolytes may thus be dissolved by reducing the concentration 
of the cations in their aqueous solution by forming either complex 
ions or weak electrolytes, or they may be dissolved by reducing 
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the concentration of the anioiis. Some metals form hydroxides 
that are only slightly soluble in water but are soluble in either 
acids or strong bases Such hydroxides are said to be amphoteric . 
These and other slightly soluble hydroxides may be dissolved in 
acids, owing to the formation of water. Carbonates are soluble in 
acids, owing to the formation of slightly ionized bicarbonate ions 
and carbonic acid and owing to the decomposition of the latter to 
form carbon dioxide gas. Some sulfides are soluble in strong acids 
with the formation of hydrogen sulfide; for others, the S“ must 
be oxidized. Chromates dissolve in acids, owing to the formation 
of Cr 2 () 7 “ from the CVO 4 - , or they may dissolve by the action of 
reducing agents which convert ( TOr* to ( V H_+ . The salts of weak 
acids may often be dissolved by the action of strong acids, the 
concentration of the anion being reduced by the formation of 
molecules of the* weak acid. 

The concentrations of the ions in a saturated solution of any 
slightly soluble electrolyte are related to each other mathematically 
by means of the solubility-product expression for the compound 
involved. For any slightly soluble electrolyte, M u X t) the solu- 
bility-product relationship states that the ion product [M] W [A'] 5 
equals the solubility-product constant for the compound when the 
solution is saturated with respect to its ions. The constant for 
any given compound varies with changes in (1) temperature, (2) 
solvent, and (3) total ion concentration. The last effect is another 
illustration of the salt effect. 

Solubility-product relationships enable one to make many pre- 
dictions. To precipitate a given slightly soluble electrolyte, the 
ion concentrations must be increased until the ion product is 
greater, momentarily at least, than the solubility-product con- 
stant for the compound. To dissolve such a compound, the ion 
product must be reduced to a value less than that of the solubility- 
product constant. 

When two kinds of ions are present in the same solution, and a 
reagent is added that is capable of precipitating both, that com- 
pound which will reduce the concentration of the reagent the most 
completely will be the first to precipitate. 

Review Questions 

1. Explain what is meant by: (a) heterogeneous reactions, ( b ) phases, 

( c ) common ion effect, ( d ) amphoteric hydroxides (illustrate by equations;. 
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2. What factors affect the rate of heterogeneous reaction? 

3. What influence does each of the factors mentioned in (2) have upon 
the point of equilibrium in a heterogeneous system? 

4. Explain m detail what would be expected to happen if a saturated 
solution of calcium sulfate were treated with a saturated solution of (a) 
potassium sulfate or (6) calcium chloride, (live reasons for each prediction. 

6. What general methods may be employed to dissolve slightly soluble 
electrolytes? Illustrate by means of ionic equations. 

0. What methods may be used to reduce the concentration of a cation in 
the solution of a salt of that cation? 

7. By means of equations explain how slightly soluble compounds of the 
following anions may be dissolved: ( a ) hydroxides, ( b ) carbonates, (r) 
chromates, (d) sulfides, (c) phosphates. 

8. Using ionic equilibrium equations as aids, explain why 

(а) CaC0 3 dissolves in dilute acetic acid. 

(б) ZnS dissolves in dilute IIC1. 

(c) Ca0 2 O 4 dissolves in HN0 3 . (Hint: H 2 C 2 0 4 is a weak electrolyte ) 

(d) Ou(OII) 2 dissolves in excess NH 4 OH. 

(e) PbS0 4 dissolves in saturated ammonium acetate 

9. List six metals whose hvdroxides are amphoteric 

10. List six metals capable of forming complex ions with ammonia, and 
give the formulas for these complex ions. 

11. (live equations showing the formation of three complex anions in 
which metals appear. 

12. Write the solubility-product expressions for the following: 

(a) Ag 2 C0 3 . (b) Mg 3 (P0 4 )2. ( c ) As 2 S 6 . 

(rf) MgNH 4 P0 4 . (e) ZnC0 3 . (/) AIPO4. 

13. What conditions are necessary for the precipitation of any slightly 
soluble electrolyte from solution? For the dissolving of any slightly soluble 
electrolyte? 

14. In terms of the relative magnitudes of the ion product and the solubil- 
ity product, explain why 

(a) AgCl precipitates when 0.01/1/ AgN0 3 is added to a 0.001 A/ HC1 
solution. 

( b ) AgCl does not precipitate when just enough AgN0 3 and II Cl are 
added to water to give a solution that is 10“ 5 A/ with Ag + and 10~ 7 M with 

ci- 

(c) Ag 2 Cr (>4 does not precipitate when a solution is made 10“ 3 A/ with 
&g + and 10*~ 7 with Cr0 4 ”. 

(d) Fc(OH) 2 is soluble in IICl. 

15. Explain why Agl precipitates before AgCl docs if AgXOa solution is 
added little by little to a solution that is 0 1 M with Cl” and 0.1 M with I~. 

Problems 

1. A solution is 0.1 A/ with Pb(N0 3 ) 2 , 0.2A/ with Fe(X0 3 ) 2 , and 0 1 M 
with Mn(NOj) 2 . If H 2 S is passed into the solution until no more precipi- 
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tate forms and until the sulfide ion concentration in the solution at the end is 
10~ 22 mole per liter, which of the metal sulfides will have precipitated? 
What will be the concentration of each metal ion m the final solution? 

2 . The solubility of CaCrOi is 14.1 g. per liter. Calculate its solubiht\- 
product constant. 

Answer: 8.1 X 10~ 4 

3 . The solubility of SrC 2 0 4 is 0.05 g per liter. Calculate its solubility- 
product constant 

4 . The solubility of OisfPOdi is 0 03 g. per liter. What is its solubilitv- 
product constant? 

6. The solubility of MgNH 4 PU 4 is 0.52 g. per liter. What is its solubility- 
product constant? 

6. From the solubility-product constants of the following substances, 
calculate their solubilities in (1) moles per liter, (2) grams per liter, and (3) 
grams per 100 ml : 


(a) BaCO s (6) CaF 2 . (r) PbS0 4 . 

(d) Ag 2 S. (e) Mg(0 H) 2 . (/) Ag 2 00 4 . 

Answers : (a) 9 X 10 ~ b M; 1 8 X 10~ 2 g per liter; 1.8 X 10 ‘ g. per 100 ml 

(b) 2 1 X 10" 4 il/ , 1 fi X 10~ 2 g per liter; 1.6 X 10~' 1 g per 100 ml 

7. From calculations using the solubilitv-product constants of Agl, AgBr, 
Ag 2 OC>3, Ag/VO-j, and AgCN, list these compounds in the order of decreas- 
ing concentrations of Ag + needed to precipitate tin* compounds from 0 1 M 
solutions of I', Br~, CO.-* - , CrO-f, and CN“. 

8. What is the minimum concentration of 

(а) Ag + that would precipitate Ag 2 C , O i{ from a solution that is 0 002/1/ 
with C O3"? 

(б) COa"“ that would precipitate MgC() a from a solution that is 0.0003/1/ 
with Mg ++ ? 

(c) OH~ that would precipitate Fe(OH) 3 from a solution that is 0.0053/ 
with Fe +++ ? 

Answer, (a) 6 1 X 10~ s 3/. 

9. What is the concentration of 

(a) S” in a saturated solution of OuS in water? 

( b ) S’* in a saturated solution of PbS? 

(c) OH" m a saturated solution of Mg(OH) 2 ? 

(d) Cr0 4 “ m a saturated solution of Ag 2 Cr0 4 ? 

Answers: (a) 10~ 21 mole per liter, (c) 3 4 X 10~ 4 mole per liter. 

10. What concentration of NH 4 OH would be required just to begin to 
precipitate: 

(а) Mg(OH) 2 from 0.013/ MgCl 2 ? 

(б) Fe(OH) 3 from 0 005.1/ FeCl 3 ? 

(c) Fe(OH) 2 from 0.0053/ FeS0 4 ? 

Answer, (a) 1.1 X 10~ 6 3/. 

11. What concentration of NH 4 C1 would be needed just to prevent the 
precipitation of* 
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(а) Mg(OH) 2 from a solution that is 0.01 M with Mg ++ and 0.1 M with 
NH4OH? 

(б) Fe(OH) 2 from a solution that is 0.05ilf with Fe ++ and 0.02 M with 
NH4OH? 

(c) Fe(OH)3 from a solution that is 0.001M with Fe +++ and 0.01 M with 
NH4OH? 

Answer: (a) 4.02 X 10“ 2 M. 



CHAPTER VI 


HYDROGEN SULFIDE AND METAL SULFIDES 

Although there are procedures for qualitative analysis that make 
no use of hydrogen sulfide, in those which are most frequently 
employed this substances is one of the most important reagents. 
Since the intelligent use of any substance depends upon a thorough 
understanding of its properties, it is well to review some of the 
properties of hydrogen sulfide and of its aqueous solution, hydro- 
sulfuric acid , as well as of its salts. 

Hydrogen sulfide is a colorless gas, of very disagreeable odor, 
and of only moderate solubility in water (its saturated solution is 
about 0.1 Mj at 1 atm. pressure). The gas is very poisonous, 
being fatal even in dilutions of 1 part in 2000 by weight. Hydro- 
gen sulfide is a powerful reducing agent, whether in the gaseous 
state or in aqueous solution. Solutions of hydrogen sulfide are 
readily oxidized by oxygen of the air to form sulfur: 

2H 2 S + () 2 -» 2H 2 0 + 2S 

With more powerful oxidizing agents such as nitric acid or aqua 
regia, sulfur or sulfuric acid is formed. Typical reactions arc 

3H 2 S + 2H+ + 2N0 3 - 3S + 2NO + 4H 2 0 
3H 2 S + 2H+ + 8NO3- 3SOr + 8NO + 4H 2 () 

Besides its action as a reducing agent, hydrosulfuric acid is a 
very weak acid. Being dibasic, it ionizes in two steps: 

H 2 S H+ + HS~ 

HS~ H+ + S- 

Although the concentration of S" furnished by H 2 S in aqueous 
solutions is very low, this S = is important, since many cations are 
capable of reacting with it to form only slightly soluble sulfides; 
consequently, hydrogen sulfide is important in analysis as a pre- 
cipitating reagent. 
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HYDROGEN SULFIDE AND METAL SULFIDES 


Since aqueous solutions of hydrogen sulfide are acidic, hydrogen 
sulfide reacts with bases to form salts. Thus in Cation Group III 
when hydrogen sulfide is passed into the buffered ammoniacal 
solution, the following reaction occurs : 

H 2 S + 2NH 4 OH ^ 2NH 4 + + S- + 2H 2 0 


The resulting solution is the same as a solution of ammonium 
monosulfide, (NH 4 ) 2 S. 

Mathematical Relationships. Hydrogen sulfide is unique in 
that its low solubility permits its treatment as a slightly soluble 
electrolyte to which solubility-product principles may, within 
limits, be applied, while it may also be treated in the usual way as 
a weak electrolyte. To treat hydrosulfuric acid as a weak elec- 
trolyte, use is made of the equilibrium relationships 


[H+][HS~] 

[H 2 8] 

imm 

[HS-] 


= AT 

= A 2 


( 1 ) 

( 2 ) 


in which Ai is 9 X 10~ 8 and A 2 is 1 X 10~ 16 at 18°C. Since both 
these equilibriums must be satisfied in any solution of hydro- 
sulfuric acid, [HS~], which is the most difficult term to evaluate, is 
the same for both. Rearranging the expression for A 2 , one 
obtains 


[HS-] = ^ 


(3) 


By substituting this value for HS in the expression for K\, and 
rearranging, the following may be obtained: 


[H+][H+][S-] 

[H2SK.K2) 

. [H+p[S“] 
" [H 2 S] 


= Ki 


= K, X K 2 


(4) 


Now for solutions in which the concentrations of any two of the 
terms, [H+], [S“], and [H 2 S], are known, the concentration of the 
third term can readily be calculated from equation (4). Since 
the second step in the ionization is much more difficult than the 
first, however, the concentration of H + in hydrosulfuric acid is not 
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twice that of the S~ as would be true if the H 2 S were completely 
ionized. Consequently, the concentration of H + or of S“ in a 
solution of H 2 S in pure water cannot he calculated directly from 
equation (4). An approximate value for [H 4 ] can be derived 
from equation (1), however, by assuming that the second step in 
the ionization, i.e. } the ionization of HS~, is so slight in comparison 
to the first that it may be disregarded. The H 2 8 may then be 
treated as a monobasic acid ionizing according to the equation 


H 2 S ^ H+ + HS- 


in which case, with no other sources of H 4 or HS~ present, [H 4 ] 
and [HS“] may be considered equal to each other. Mathemati- 
cally, equation (1) would then become 


[Hi[H+] 

[H*8] 

[H 4 ] 2 

[H 2 SJ 


= K\ 


= 9 X 10- 


(5) 


Then if the concentration of H 2 S is known, [H 4 ] can be calcu- 
lated. By calculating the approximate value of [H 4 ] in this way, 
and then substituting this value for [H 4 ] in equation (4), a useful 
approximation of the concentration of can be calculated for 
solutions of H 2 S in pure water. 


Problem 1. What is the H 4 concentration in a solution that is 0 03 M 
with H 2 S? 

To solve this equation, disregard the secondary ionization and treat the 
solution as if H 2 S were a monobasic acid The following equation [equation 
(l)] will then apply: 


[iiniHsj 

I112S] 


= 9 X 10 ' 8 


Since no other significant source of either II f or IIS is present, [IT + ] equals 
[HS“]; consequently, 


[H + jlH+] 

[H 2 S] 

. [HI 2 

** 0.03 


= 9 X 10-« 


= 9 X 10“ 8 


/. [H+] = V0 27 X 10-“ = V27 X 10-“ 


5.2 X 10~ 6 Af 


Problem 2. \Vhat is the S” concentration in a solution that is 0 02 M 
with H 2 S? 
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a. First calculate the approximate [H+] as was done in Problem 1. 

[H + P 


0.02 


- 9 X 10”* 


[H+l = \/0 18 X 10-* = VI 8 X 10~ 10 = 4 24 X 10~ & M 

b. Since [H + ], [H 2 S], and K\ and are now known, [S~] can be calcu- 
lated using equation (4) : 


[H a S] ' 
(4 23 X 10- 6 ) 2 [S-] 


0.02 


(9 X 10~ 8 ) (1 X 10-* 8 ) 


* 9 X 10“ 2: 


. = (U8_X10- 3 . 18_X_10- = 

1 J 18 X 10~ 10 18 X 10~ 10 A u 1 


As mentioned earlier, if a solution is saturated with H 2 S, it can 
be treated, within limits, as a solution of a slightly soluble sub- 
stance. In the equation 


[H + HSi 

1h 2 ‘s] 


= K, X K 2 


( 4 ) 


* Note that the number of moles of S“ per liter in this solution is numeri- 
cally equal to K 2 for the ionization of H 2 S. This is not by chance, because 
it can be shown that for any dibasic acid whose A 2 is sufficiently small, the 
molar concentration of the normal anion of the acid is approximately 
numerically equal to /v 2 for the acid. The reasoning is as follows: 

Consider the dibasic acid, H 2 C0 3 , as typical. The ionization of this 
acid will occur in two steps, 


H 2 CO d ;=± H+ + HCO s - 

HCOf ^ H+ + C0 3 " 


from which are obtained the equations 

[H+KH COs-] _ K 
[HlCOa] * 
[H+ucorl _ .. 

[HCO,-] - 2 


(а) 

( б ) 


Mathematically, then, the following will be true: 


[H+HHCOa-] v [H + 1[C0 3 “] 
[H 2 C0 3 ] a ihco 3 -] 

. [H+l»[CO,-l 
“ [H 2 co 3 ] 


= K\ X A 2 
= KtK* 


(c) 


In deriving this equation, no assumptions were made; the equation will, 
therefore, apply to any solution containing C0 3 ”, H + , and H 2 C0 3 . Now, in 
solutions containing nothing but this equilibrium mixture in pure water, if 
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for a solution that is saturated with hydrogen sulfide at a pressure 
of 1 atm., [H 2 S] is very close to 0.1 ilf. For most solutions this 
value does not change markedly, even though small quantities of 
other electrolytes are present, as long as equilibrium has been 
established between the gaseous and the dissolved H 2 S. Con- 
sequently, for such solutions the expression may be modified as 
follows : 

ricpfs-i 

1 ~ J {- J = (9 x 10 «)(i x ia-») 

/. [H+] 2 [S~] = 0.9 X 10~ 23 ((>) 

P'or most purposes it is sufficiently accurate to use 1 X 10 23 for 
this constant instead of 0.9 X 10 -23 . 

The last equation is subject to the same limitations as equation 
(4), except that in addition equation (0) applies only to saturated 
solutions and the term [H 2 S] does not appear in it. 

Problem 3. A0 3 N solution of HC1 is saturated with TI 2 S at 1 atm. 
pressure. What is the S~ concentration in the* solution? 

a. Since HC1 is completely ionized, the minute quantity of II f from the 
H 2 S may be disregarded and all the H + may be considered as coming from 
the IIC1 [H + j will, therefore, he 0 3il/. 

b Since [II f ] is now known and the constants for II 2 S are known, [S~] 
may be calculated from equation (6): 

[IF] 2 [S=] = 9 X 10 24 
.*. (0 3) 2 IS" ] = 9 X 10~ 2 * 

Q V 10~ 24 

[S~] = Q x jqTj * 1 x 10~ 22 mole per liter 

Applications to Analysis. In qualitative analysis, the precipi- 
tation of the cations of Group II and some of Group III depends 


it is assumed that the secondary ionization is negligible, [II f ] will equal 
[IICO3-] and equation (a) can be simplified to 


[HI 2 

[H 2 C0 3 ] 


- Ki 


(d) 


Finally, by dividing equation (d) into equation (c), one obtains the expression 

jjeftcori 

[CO,-] = K, 


Similar results are obtained with other dibasic acids whose K 1 and Aj are 
of the proper relative magnitudes. 
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upon the low solubilities of their sulfides. To precipitate the 
members of Group II, the solution is adjusted to a concentration of 
H+ equivalent to that of 0.3N hydrochloric acid and then the 
solution is saturated with hydrogen sulfide. This brings down 
the sulfides of only Group II, leaving the Group III cations in 
solution. Next, the solution is made basic with a buffered solution 
of ammonium hydroxide, and again it is saturated with hydrogen 
sulfide to precipitate Group III cations. 

The reason can readily be shown why the sulfides of the Group 
II cations will precipitate from a solution O.SN with hydrochloric 
acid whereas those of Group III will not. In Problem 3 given 
above, the S" concentration in a solution 0.3 N with hydrochloric 
acid and saturated with H 2 S was shown to be l X 10 ~ 22 M. Now, 
one of the most soluble — and, therefore, the most difficult to 
precipitate — sulfides of the Group II cations is that of cadmium. 
The solubility-product expression for CdS is 

[Od++][8-] = 1 X lO" 29 

If the S~ is 1 X 10~ 22 molar when precipitation is complete, z.c., 
when the solution is saturated with hydrogen sulfide, the concentra- 
tion of the Cd++ left in the solution will be 

[Cd++](1 X 10- 22 ) = 1 X 10” 29 

.*. [Cd 4 * 4 "] = 1 X 10~ 7 mole per liter 

On the other hand, consider manganese, which is in Group III. 
Substituting the same value for [S^] in the solubility-product 
expression for MnS yields 

[Mn++](1 X 10- 22 ) = 1 X lO" 15 
[Mn++] = 1 X 10+ 7 = 10,000,00()M 

Since this is an impossibly high concentration, it is obvious that 
MnS cannot be precipitated from any obtainable solution in which 
the H + concentration is as great as 0.3AT. 

However, let us consider a basic solution saturated with H 2 S. 
As will be seen in the next chapter, even basic solutions contain 
some H+; and according to equation (6), the H + concentration 
controls the S°“ concentration. In a solution that is 10 ~ b M with 
OH~ the concentration of H 4 * is 10 -9 mole per liter. If this value 
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is used, the concentration of in such a basic solution is obtain- 
able from the equation 

[H+] 2 [Si = 9 X 10“ 2i 
q v in -24 

/. [S“] = ^ = 9 X 10~ 6 mole per liter 

Now suppose that one calculates the maximum concentration of 
Mn +f that could remain, at equilibrium, in such a solvent: 

[Mn++][S-] = 1 X 10“ 16 
.\ [Mn ++ ](9 X 10 ~ 6 ) = 1 X 10~ 15 
i v in -15 

[Mn 41 ] = ^ ^ X 10“ 10 mole per liter 

Consequently, MnS can be precipitated satisfactorily from even 
slightly basic solutions. 

It will be noted, therefore, that an increase in [H f ] decreases 
[Si markedly whereas a decrease in [H + ] increases [Si in any solu- 
tion saturated with hydrogen sulfide. In other words, a basic 
solution saturated with hydrogen sulfide will have a much higher 
concentration of S Since cations vary as to the concentration of 
S” needed for their effective precipitation a* sulfides, it is possible 
selectively to precipitate less soluble sulfides and leave the more 
soluble ones in solution, by careful adjustment of the II + concen- 
tration followed by saturation with H 2 S. 

These same principles can be applied to the dissolving of 
precipitates consisting of the metal sulfides. Suppose that a solu- 
tion 0.1 M with hydrochloric acid is added to a precipitate of fer- 
rous sulfide. In contact with any aqueous solution, some ferrous 
sulfide dissolves, as represented by the equilibrium 

FeS( Bolld) ^ Fe++ + S~ 

Some of the H + from the HC1, however, reacts with some of the 
S^ to establish the equilibrium 

2H+ + S- ^ H 2 S 

If the [H+] from the HC1 is maintained at 0.1 mole per liter, this 
last equilibrium permits a maximum S" concentration of 

[H+] 2 [Si = 9X 10~ 24 
/. (0.1) 2 [S“] = 9 X 10- 24 
Q v 10~ 24 

[S~] = — iQrj — = 9 X 10~ 22 mole per liter 
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Now substituting this value for S 3 " in the solubility-product 
expression for FeS, 

[Fe ++ ][S“] = 1 X 10~ 19 

1 V 10" 19 

••• [Fe ++ ] = * = 0.111 X 10 3 = HIM 

This means that, with [H + ] as great as 0.1M, the S CT concentration 
will be so low that the ion product, [Fe ++ ][S~], must be well below 
the value for the K nv for this compound. Consequently, solid 
ferrous sulfide will dissolve* in 0.1 iV hydrochloric acid. 

Applying the same values for H + — and therefore, for S~ — to a 
precipitate of cadmium sulfide, one finds that 

[Od++][S“] = 1 X 1()- 29 
/. [Cd ++ ](9 X 10~ 22 ) - 1 X 10- 29 

[Cd ++ ] = 1.1 X 10~ 8 mole per liter 

In other words, cadmium sulfide will dissolve only until the con- 
centration of Cd ++ equals 1.1 X 10 ~*M. Consequently, cadmium 
sulfide will not dissolve to any significant extent t in cold O.likf 
HC1. 

When the solubility-product constant for a metal sulfide is too 
small to permit the dissolving of the sulfide by adding H + , other 

* There are some sulfides, such as NiS and CoS, that, if properly prepared, 
dissolve but slowly in even IN HC1, though these sulfides are really soluble 
in such a solution and cannot be precipitated from it. The question is one 
of rate of solution rather than of actual solubility, since in time such pre- 
cipitates will finally dissolve. This difference m rates of solution is some- 
times used as an analytical device in separating nickel and cobalt from more 
rapidly dissolved sulfides such as those of manganese and zinc. 

t It is possible to dissolve CdS in 3 N HC1, however, especially when the 
solution is heated. This cannot be shown accurately by calculations using 
actual ion concentrations, however, as other factors such as the salt effect 
and complex ion formation are far too pronounced to permit useful approxi- 
mations in such calculations. Even in 0.1 M HC1 the actual solubility of 
CdS is somewhat greater than that calculated above. 

Some sulfides, such as that of copper, are soluble in concentrated solu- 
tions of HC1, even though their solubility-product constants are so small 
that the removal of S“ by the action of H + could not possibly account for 
such an occurrence. This is usually due to the fact that the cation is also 
being reduced in concentration by the formation of complex ions such as 
CuCb". The binary halogen acids are notable for their ability to farm 
complex ions with many metals. 
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devices are used. Most of such sulfides are readily soluble in 
nitric acid owing to oxidation of the S“ to S° or SO4". For 
example, cupric sulfide, in contact with any aqueous solution, 
tends to establish the equilibrium 

CuSuuo ^ Cu++ + S- 

Nitric acid, however, is a powerful oxidizing agent. With a solu- 
tion containing S 1 ", therefore, dilute nitric acid reacts chiefly as 
shown in the following two equations: 

3S~ + 8H+ + 2N0 3 ~ -> 3S° + 4H 2 0 + 2NO 
3S~ + 8H+ + 8NO3- -> 3SOr + 4H 2 () + 8NO 

With more concentrated HN0 3 , the following two reactions 
probably predominate, though some of the action is as given above: 

S- + 4H+ + 2N0 3 - -> S° + 2H 2 0 + 2N0 2 
S- + 8H + + 8NO3- -> S() 4 - + 4H 2 0 + 8N() 2 

Since any of these reactions reduce the S~ concentration very 
effectively, most sulfides will dissolve in HN() 3 . 

Mercuric sulfide, which is one of the least soluble of the sulfides, 
is attacked but slowly by nitric acid, even when the latter is hot 
and concentrated. The reaction first produces a white double 
salt, Hg(N0 3 ) 2 *2HgS, which slowly dissolves to yield a solution of 
mercuric nitrate. 

Mercuric sulfide is best dissolved by aqua regia,* which is made 
by mixing nitric and hydrochloric acids and owes most of its activ- 
ity to the presence of chlorine formed by the reaction 

3HC1 + HN0 3 -> 2H 2 0 + NOC1 + CV 

* HgS is also readily dissolved by concentrated hydriodic acid, HI. 
Although this acid is not an oxidizing acid and therefore does not remove 8“ 
effectively enough to dissolve HgS, the Hg* + reacts with 1“ to form the 
unusually stable and slightly ionized complex ion, Hglr. This reduces 
the concentration of Hg ++ and causes the HgS to dissolve. As HgS dis- 
solves, the concentration of 8“ increases until it is sufficiently great to cause 
H 2 S to escape from the solution By this reaction the concentration of S" 
is not pci mitt ed to become greater. 

t At the moment it is formed, the chlorine is in the form of single atoms; 
i e , it is nascent chlorine. The activity of atomic chlorine is much greater 
than that of molecular chlorine; consequently, the activity of aqua regia 
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The action of aqua regia on mercuric sulfide is dual; it not only 
oxidizes S” to S° and to SO4* but also supplies Cl~ to combine with 
the Hg - ^ to form the slightly dissociated complex ion, HgCU*. 

The separation of the subgroups of Cation Group II depends 
upon the reaction of certain cations with S“ in high concentration 
to form thio complex ions. Sb -1 ^, for example, reacts with S~ 
in limited concentrations to form slightly soluble Sb 2 S 3 : 

2Sb +++ + 3S- ^ Sb 2 S 3 w 1 d) 

At the higher concentrations of S" present in ammonium sulfide, 
however, the reaction goes further to form a soluble product: 

Sb+++ + 3S= SbS 3 ^ 

These reactions will be discussed in greater detail in the chapter 
on Complex Ions. 

Solutions of soluble sulfides such as (NH 4 ) 2 S and Na 2 S are cap- 
able of reacting with elementary sulfur to form polysulfides: 

(NH 4 ) 2 S + s -> (NH 4 ) 2 S, 

Such reagents not only exhibit most of the reactions of the mono- 
sulfides but also oxidize many readily oxidized cations to higher 
valence states. For example, stannous sulfide, which is not soluble 
in ammonium monosulfide, dissolves readily in the polysulfide 
owing to oxidation of the tin to the stannic state, followed by 
the formation of the thio complex: 

SnS + Sr ^ SnS 3 “ + S° 

SUMMARY 

From the standpoint of analytical chemistry, the chief uses of 
hydrogen sulfide are based on the facts that (1) it is a powerful 
reducing agent; (2) it is a very weak electrolyte, dissociating in 
water solution to give S^; and (3) it is a gas that is only mod- 
erately soluble. 

When hydrogen sulfide or hydrosulfuric acid is oxidized by 
mild oxidizing agents, the S“ is converted to free sulfur; with 
strong oxidizing agents, such as nitric acid or aqua regia, SC^” 
as well as free sulfur is formed. 

exceeds that of chlorine water and of many other strong oxidizing agents. 
For obvious reasons, however, the reagent loses its activity on standing 
and must be prepared fresh at the time it is used. 
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Hydrogen sulfide equilibriums may be treated mathemati- 
cally either as for a weak dibasic acid or, within limitations, as for 
a slightly soluble electrolyte. For the latter the solution considered 
must be saturated. As the H+ concentration in a solution con- 
taining H 2 S is decreased, the S“ concentration increases. In 
basic solutions, the concentration of H + is less than it is in acidic 
or neutral solutions; consequently, although the sulfides of the 
Group III cations do not precipitate with those of Group II, 
they do precipitate when the solution is made alkaline. 

The slightly soluble sulfides are usually dissolved (1) by the 
addition of acids to remove S” by forming II 2 S, (2) by the use of 
oxidizing agents to oxidize S” to free sulfur or to SOr*, or (3) by 
the addition of ammonium or sodium sulfide to form thio complex 
ions in which the metal appears in the anion. The sulfides of 
those metals which form thio complexes may also be dissolved 
in polysulfides, the reaction in some cases involving oxidation of 
the metal to a higher valence by the action of the polysulfide. 


Review Questions 

1. List the chief properties of hydrogen sulfide and hydrosulfuric acid. 

2. What effect would be produced upon the hydrogen ion concentration 
of a solution by the addition of a soluble sulfide to it? 

3. What effect would be produced upon the sulfide ion concentration of 
a solution by the addition of 

а. A strong acid such as IIC1 or H2SO4? 

b A base such as NH 4 OH or NaOH? 

c. A solution containing Cu ++ ? 

d. A solution containing Na + ? 

4 . According to Bronsted’s theory of acids and bases, how would S~ be 
classified? H 2 S? HS“? 

б. In terms of the ion product and solubility-product constant, what 
conditions must be brought about if it is desired to (a) precipitate some HgS, 
(6) dissolve some CdS, (c) make a solution that is saturated with respect 
to Ag + and S”? 

6 . By means of ionic equations explain why: 

(а) PbS dissolves in dilute HNO3 but HgS does not. 

(б) CuS dissolves in KCN solution. 

(c) CoS does not precipitate with Cation Group II, though it does pre- 
cipitate in Group III 

7. What methods may be used to dissolve slightly soluble sulfides? Illus- 
trate by means of ionic equations. 

8 . Complete the following equations, and indicate by reverse arrows 
which reactions are appreciably reversible: 
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(a) Cu ++ + H 2 S -> (6) + H 2 S -» (c) Fe +++ + H 2 S -> 

(d) Cd(NH 8 ) 4 ++ 4- H 2 S -> («) 8- + HNO* -> (/) Sb 2 S 3 4- 8“ -♦ 

9 . From the results of the first three reactions in Question 8 what would 
you predict as likely to happen to the H + concentration in any solution from 
which metal sulfides are being precipitated by the action of H 2 S? Would 
this cause any difficulty in the precipitation of Cation Groups II and III? 
Explain. 

Problems 

1. What is the concentration of S” in: 

a . A saturated solution of H 2 S in pure water? 

b. A solution that is 0.005 M with H 2 S? 

c. A solution that is 0.0025 A/ with H 2 S? 

2. What is the concentration of S” in a solution : 

a. That is 0.1 M with respect to HCl and saturated with H 2 S? 

b. That is 10 ~ H M with H f and saturated with H 2 S? 

c. That is 0.004 M with H + and saturated with H 2 S? 

Answer: (a) 1 X 10~ 21 mole per liter. 

3. What is the maximum equilibrium concentration of each of the follow- 
ing ions in a solution whose S” concentration is 10 ' 22 M (note that this is the 
approximate concentration of S" in the solution at the end of the precipita- 
tion of Cation Group II): 

(a) Cu ++ . (b)‘ Ag+ (c) Pb ++ . 

(d) Hg ++ . (e) Zn ++ . (/) Ni+ + . 

Answer: (a) 10~ 20 mole per liter 

4 . From the results obtained in Problem 3, under what conditions would 
it be possible to precipitate ZnS in Group II? Would any Zn ++ be left in 
the solution? How much? 

5. If a 0.1 M solution of acetic acid buffered with 0.1 mole per liter of 
ammonium acetate contains Zn++ Ni ++ , and Mn ++ , what is the maximum 
concentration of each of these three cations that can remain in the solution 
after it is saturated with H 2 S? Could the sulfides of these metals possibly 
be precipitated from such a solution? 

Answer: [Zn ++ ] =* 4.3 X 10” : 10 mole per liter. 
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IONIZATION OF WATER; HYDROLYSIS 

Water and Its Ions. Thus far, water has been regarded largely 
as a solvent that contributed little in the way of ions to any solu- 
tions in which it was the solvent. It has been pointed out a 
number of times, however, that although water is almost a non- 
electrolyte, it does ionize to a very slight extent. Thus, in pure 
water or in any aqueous solution the water molecules are in 
equilibrium with their ions: 

H 2 0 ^ H+ + OH- 

This equation introduces useful conceptions of conditions 
existing in aqueous solutions; for it at once becomes apparent 
that the addition of an acid to water does not remove all ( )H~ but 
instead merely decreases its concentration. In the same manner 
the addition of a base to water decreases the H + concentration. 
If, therefore, very small concentrations of these ions are important, 
the ionization of water cannot be neglected. 

An illustration of the need for considering this equilibrium 
was involved in the discussion of the previous chapter when the 
behavior of H 2 S in basic solutions was considered. It was 
pointed out that the concentration of S“ in any aqueous solution 
was dependent upon the H + concentration, the S“ concentration 
varying inversely as the square of the H 4 ' concentration. Now 
if a base is added to water, the H + concentration is thereby 
reduced; consequently, if such a solution contains H 2 S, the S~ 
concentration will be increased. For that reason the compara- 
tively soluble sulfides of the Group III cations can be precipitated 
by the action of H 2 S in alkaline solutions. 

Other illustrations of the need for considering the ionization of 
water will be seen in the discussion of hydrolysis, as well as (in the 
next two chapters) of amphoteric hydroxides and of colloids. 
To make these subjects of the greatest use to the chemist, how- 
ever, it is necessary to know the quantitative relationships 
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involved in the ionization of water; for only through these can 
accurate predictions be made. 

As with other chemical equilibriums, the law of mass action 
can be applied to the ionization equation for water, the resulting 
expression being 


[H+JOH-] _ K 
[H 2 o] " 


( 1 ) 


In pure water the concentration of H 2 0 may be obtained by divid- 
ing the weight of 1 liter of water by the gram-molecular weight 
of water. Similarly, the concentration of H 2 0 in an aqueous 
solution can be calculated by dividing the weight of water in 1 
liter of the solution by the gram-molecular weight of water. 
\Vhen such calculations are made, however, the results lead to 
the extremely useful conclusion that for either pure water or 
dilute aqueous solutions the concentration of H 2 0 is not signifi- 
cantly different from 55.5 moles per liter. This means that for 
dilute solutions, the value of [H 2 0] will not change significantly 
from one solution to another or from pure water to a solution; 
consequently, equation (1) may be simplified and rearranged to 
obtain 

[H+][OHi = K( 55.5) (2) 

Since both K and 55.5 are constants, their mathematical product 
may be set equal to another constant, K w , and equation (2) 
becomes 

[H+][OH-] = K w (3) 

The constant, K w , has been evaluated for water at several 
temperatures and at 25° C. has been found to be approximately 
1 X 10“ 14 . 

In pure water the molar concentration of H + is, of necessity, 
equal to that of OH~, since the only source of either is the water 
itself, and since one molecule of water yields one H + and one OH~ 
when it ionizes. Consequently, for pure water [H + ] and [OH“] 
may be substituted for each other in equation (3) to obtain 

[H + ] 2 = [OH-] 2 = K w (4) 

[H+] = [OH-] = VK„ (5) 

in pure water at 25°C., therefore, the concentration of H + or of 
OH~ will be 1 X IQ- 7 mole per liter. 
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It was pointed out earlier that in basic solutions there is, 
nevertheless, some II 4 * and that in acidic solutions there is still 
some OH~. In other words, any aqueous solutions will always 
contain some H 4 * and some Oil". If an acid such as hydrochloric 
acid is added to pure water at 25°C\, the concentration of 11+ is 
increased above 1 X 10~ 7 A/ and that of ()1I~ is decreased below 
that concentration. This leads to the accurate definition of a 
neutral solution as one in which the molar concentrations of H 4 
and OH“ are equal , of an acid solution as one in which the H 4 * 
concentration is greater than that of the OH*”, and of a basic 
solution as one in which the OH“ concentration is greater than 
that of the H + . 

pH and pOH Values. From equation (3) it can be seen that 
without even mentioning OH~ a knowledge of its concentration 
can be conveyed. For example, if the concentration of II 4 ' is 
known to be l X 10“° mole per liter at 25°C.,* it will be under- 
stood that the OH~ concentration of the solution must be 
1 X 10~ 5 mole per liter; for 

[H+HOH-] = 1 X 10- 14 
(1 X lO-'OtOH ] = 1 X 10~ 14 

1 V IfM* 

.*. [OH“] ~ j x K)-^ = * X 10~ 5 mole per liter 

On the basis of this relationship, it is now customary to speak of 
the pH of a solution instead of its H 4 * or OH"* concentration. 
The pH of a solution is the logarithm of the reciprocal of its II f 
concentration ; i.e., 

pH = log j H - + j (6) 

Since the logarithm of the reciprocal of any number is mathemati- 
cally equal to the negative logarithm of the number, 

pH = log j t +] = - log [H + ] (7) 

If the logarithms of both sides of equations (3) are taken, the 
following expression results: 

log [H+l + log [OH-] = log (1 X 10- 14 ) - -14 (8) 

* In the remaining discussion it will be assumed that the temperature is 
^5°C. Under these conditions, K w is 1 X 10~ H . 



120 


IONIZATION OF WATER; HYDROLYSIS 


Multiplying both sides of this equation by — 1 gives 

(- log [H+]) + (- log [OH-]) = +14 

In this expression, the term — log [H + ] is the pH of the solution, 
while — log [OH - ] is a term known as the pOH of the solution. 


Hydroqen ion 
concentration 
(moles per liter) 

pH 

pOH 

Hydroxyl ion 
concentration 
(moles per liter) 

I0-' 4 

14 — 

— 0 

1.0 

I0" J 

13 — 

— 1 

0.1 

10* 12 

12 — 

— 2 

0.01 

io-" 

11 — 

— 3 

0001 

IO-io 

10 — 

— 4 

00001 

I0“ 9 

9 — 

— 5 

I0' s 

I0“ 8 

8 — 

— 6 

IO" 6 

I0‘ 7 

7 Net 

itral 7 

IO' 7 

I0‘ 6 

6 — 

— 8 

IO' 8 

10- 5 

5 — 

— 9 

IO" 9 

00001 

4 — 

— 10 

IO' 10 

0.001 

3 — 

—11 

10'" 

0.01 

2 — 

12 

I0' 12 

0.1 

1 — 

13 

I0" 3 

1.0 

0 — 

14 

I0' 14 


Fig. 12. — Ion concentrations, pH values, and pOH values. 


Consequently this expression becomes 

pH + pOH = 14 (9) 

Figure 12 shows the relationship between [H + ], and [OH“], 
the pH, and the pOH of any solution. It will be recalled from 
the earlier discussion that in any neutral aqueous solution at 
25°C., [H + ] = [OH - ] = 1 X 10” 7 mole per liter. Therefore, 
for such solutions, 


pH = pOH - 7 


( 10 ) 
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For acid solutions , therefore, the pH must be less than 7, and the 
smaller the pH the greater is the H + concentration . Similarly, in 
basic solutions the pH will be greater than seven, and the greater 
the OH" the greater will be the pH of the solution. 

When it is desired to speak of H 3 (> + instead of II+ in a solution, 
the same expressions as those given may be used, H 3 0 + being 
substituted in place of Il + ; c.g ., 

[H 3 0+][0H-] = K u = 1 X Kb 11 (at 25°C.) (11) 

The substitution of II 3 () + for H + in any mathematical expression 
where the latter appears is permissible because II 3 0 4 is so stable 
that any H + existing in an aqueous solution may be considered as 
hydrated. Numerically, then, the molar concentration of II $0+ 
will be equal to the molar concentration that one would have 
calculated for H + if the hydration of the latter had not occurred. 

Neutralization: Hydrolysis. When a solution of an acid is 
mixed with one of a base, a reaction of the type known as neutrali- 
zation takes place. In beginning courses in chemistry it is usually 
said that the products of neutralization are a salt and water. 
That such a conception of neutralization is by no means com- 
plete, however, is readily seen if the ionic equations for some typi- 
cal neutralizations are written. Take, for example, the reaction 
between sodium hydroxide and hydrochloric acid. Both of these 
compounds are completely ionized; consequently, the sodium 
hydroxide solution may be considered a solution of Na + and Oil", 
and the hydrochloric acid, a solution of II + and Cl". Reaction 
between these two will be 

H+ + Cl" 

+ + 

OH + Na+ 

jjr i 

H 2 () (no reaction) 

In other words, this particular neutralization consists of a reaction 
between H+ and OH" only. The Na + and Cl" do not react with 

each other while in solution, since sodium chloride is itself a 
strong electrolyte and remains in the form of Na+ and Cl". 

Suppose, however, that a solution of a weak acid is mixed witt 
one of a strong base. The type of reaction occurring can b< 
illustrated with acetic acid and sodium hydroxide solution 
Again it will be remembered that sodium hydroxide solution is i 
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solution of Na + and 0 H~; the acetic acid, on the other hand, is 
a weak electrolyte and is only partly ionized. Consequently, 
the reaction between these substances is best represented as 
follows: 

HC2H3O2 ^ H+ + C2H3O2- 

+ + 

OH- Na+ 

jjr 1 . N 

H 2 0 (no reaction) 


Again there is a reaction between Ii + and OH - ; but this time, the 
reaction will not be so complete as before; for since HC2H3O2 is 
a weak electrolyte, some of the H+ from the water will react with 
C 2 Hs 0 2 ~* to form HC2II3O2 molecules. 

The consequences of this reversibility are more easily seen if 
the problem is approached from a different angle. Suppose that 
some sodium acetate is dissolved in some water. The sodium 
acetate, which is a strong electrolyte, may be considered as 
completely ionized, while the water itself ionizes very slightly. 
The conditions existing in such a solution, therefore, may be 
represented as follows: 

H 2 0 ^ H+ + OH“ 

+ ~b 

C 2 H 3 () 2 + Na + 

jr i . x 

HC2H3O2 (no reaction) 


or 

C2H3O2- + H2O ^ HC2H3O2 + 011 “ 


From this ionic equation it can be seen that some of the H + 
furnished by the ionization of the water is removed by its reaction 
with C 2 H 3 02“ to form HC 2 H 3 0 2 . More of the water will then 
ionize to furnish more H + and OH - ; and as this happens, more H + 
and C2H3O2*” will combine to form HC 2 H 3 0 2 . This whole chain 
of happenings will continue until both reversible reactions involved 
are at equilibrium. When this point is reached, however, it will 
be seen that though the H+ concentration has been reduced, the 
OH” concentration has increased . Therefore, the solution will be 
slightly basic! 

Such reactions as this between the ions of a salt and those of 
water are known as hydrolysis reactions and are essentially the 
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reverse of the neutralization reaction needed to produce the salt. 

It will be noticed that sodium acetate, which is a salt formed 
by the reaction of a weak acid with a strong base, hydrolyzes to 
give a basic solution, i.c. y a solution whose pH is greater than 
seven. If a solution of the salt of a strong acid and a weak base 
is used, hydrolysis will result in the solution containing more II + 
than OH~— in other words, the solution will be acidic. The salt 
of a weak acid and a weak base hydrolyzes in water solutions, 
but whether the solution will be acidic or basic depends upon 
which is the more highly ionized, the acid or the base. If the 
acid ionizes more than does the base, the solution will be acidic; 
if the base is more highly ionized, the solution will be basic; 
but if the acid and the base ionize to the same extent, the solution 
will be neutral. As can be seen from the equation for the reac- 
tion between sodium hydroxide and hydrochloric acid, salts of 
strong acids and strong bases do not ordinarily hydrolyze. 

It is often desirable to calculate the hydrolysis constant, 
K h , or the degree of hydrolysis, a, of a salt, as well as the Il + 
concentration of the resulting solution. This may be done for 
solutions in which hydrolysis is not greater than 5 per cent by 
using the following equations,* in which C is the concentration 
of salt. 


Type of salt 

K h | 

a 

(H*j 

Weak acid, strong base 

K w 

K a 

V KnC 


Strong acid, weak base 

Kr, 

Kh 

X [K^ 

> K h C 

JKJI 

Weak acid, weak base 

A i 

KaKh 

V KaKb 

■X I K W K n 

> K b 


The derivation of such equations can be illustrated by con- 
sidering a solution of sodium cyanide, NaCN. This is a salt of 
the strong base NaOH and the very weak acid II CN. The salt 
is completely ionized in water solution, and part of the CN" 
reacts with the water as follows: 

CN- + H 2 0 HCN + OH- 


Salts of only monobasic acids and monacid bases are considered here. 
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Apply in g the law of mass action to this equilibrium and making 
use of the fact that the concentration of H 2 0 is essentially con- 
stant, one obtains 


[HCN][OH-] K 

TCN-pfsOf ' 


or 


[HCNJfOH-] 

[CN~] 


A[H 2 0] = K h 

( 12 ) 


in which K h is known as the hydrolysis constant. The hydrolysis 
constant can be evaluated in terms of K w and K a (the ionization 
constant of the acid) as follows. If the left-hand side of equation 

[H+] 

(12) is multiplied by the fraction the following is obtained: 


[H+] [HCN][OH- 
[H+] X "'[ON-] 


K h 


This can be rearranged to give 


[H + ][OH ] X jjj+^Qg-]' K-h 

But as was learned earlier, 

[H+][()H-] = K,„ 


(13) 


(14) 


(3) 


Also, from the ionization equation for HCN it can be found that 

(15) 


JHCN]_ 

[H+][CN- 


K a 


1 


By substituting K w and for their equivalents [equations (3) 
and (15)] in equation (14) it is found that 


K,o 

Ka 


Kh 


(16) 


By comparing equations (12) and (16), one may obtain the 
equation 


[HCN][OH-] _ K w 
[CNi Ka 


(17) 


From the original equation for the hydrolysis it will be seen 
that [HCN] is equal to [OH - ]; consequently, by substitution, 
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equation (17) can be changed to the following: 


[OH-]* K„ 
t'CN-j K a 


[OH 


-V 5 


[CN~] 

Ka 


(18) 


Now [OH~] is numerically equal to the number of moles of CN~ 
per liter used by the hydrolysis, and the degree of hydrolysis, a, 
is approximately equal to the ratio of the CN“ which combined 
with H + , to the CN~ remaining in the solution.* 

Consequently, from these two facts, it follows that 


_ [OH-] 
~ ION-] 


09) 


Substituting in this equation the expression for [OH ] as given in 
equation (18) gives 




[CN- 
K a 

[cn -r 


[XjCN“] 

~ V K m [VS-]* 



(20) 


The hydrogen ion concentration in such a solution can he calcu- 
lated by using the relationships in equations (3) and (18) as 
follows: 


4 


[OHi - 

KjCN-j K w 

Ka [H+] 


and 


[OH 


-> - 4 K T 


(3, 18) 


[H+l = 


Ka. 


4 ' 


X[CN- 

K a ~ 


nr w >K a _ _ [K v K a 
yjK w [CN~] - \[cn~] 


In each of these cases, [CN~] may be considered as equal to the 
concentration of the CN~ furnished by the salt, the small amount 
lost by hydrolysis being disregarded. 

A study of the formulas in the table reveals the fact that for 
any salt of a weak acid and a weak base, (1) if K a and Kb are equal, 


* The degree of hydrolysis would be exactly equal to the ratio of the CN~ 
used up by the hydrolysis to that used m making the solution. 
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the solution will be neutral, (2) within limits* imposed by approxi- 
mations used in the derivation of the foregoing equations, the 
degree of hydrolysis and the concentration of H + are independent 
of the concentration of the salt, and (3) the degree of hydrolysis 
is greater for these salts than for the other salts. 

If the mechanism of hydrolysis is as described in this discussion, 
it is apparent that hydrolysis is due to the ability of one or both 
ions of the salt to remove H + or OH" from the solution. If this 
is true, then, it is conceivable that slightly soluble bases or basic 
salts, or slightly soluble acids might remove OH" or H + and cause 
the salts of these bases or acids to hydrolyze, even though the 
slightly soluble base or acid is a strong electrolyte. Many com- 
pounds hydrolyze owing to such reactions. If aluminum sulfide, 
AI 2 S 3 , for example, is placed in water, it hydrolyzes completely 
owing to the facts that S“ is very effective in removing H+ and 
also that Al(OH) 3 is quite insoluble. The hydrolysis is forced, 
therefore, by both the anion and cation, the former removing H+ 
and the latter removing Oil". Similarly, ferric, chloride hydro- 
lyzes in water solution owing to the formation of ferric hydroxide 
complexes;! while in nearly neutral solutions of aluminum or 
ferric compounds to which a fairly high concentration of sodium 
acetate has been added, hydrolysis will occur to give a precipitate 
of basic aluminum or ferric acetate. 

Although the ionization constants for most weak electrolytes 
are affected but slightly by temperature, K w increases greatly 
with increases in temperature. For this reason, the degree of 
hydrolysis is always greater at higher temperatures. The 
hydrolysis of any compound is repressed, however, by the addi- 
tion of organic compounds such as ethyl alcohol. 

There are a number of important consequences of hydrolysis 
that deserve discussion. One of these is the frequent reduction 
in the effectiveness of reagents, which often makes modifications 

* The assumption that the concentration of unreacted ion of the salt is 
equal to the original concentration of the salt, C, is an approximation that 
disregards the decrease m this value due to loss of 1011s through hydrolysis. 
Those equations in which C appears, therefore, do not hold with sufficient 
accuracy if hydrolysis is greater than about 5 per cent. 

t It is believed that, instead of the normal hydroxide, a ferric hydroxide 
complex of variable formula is produced. At higher temperatures the 
reaction goes further and yields a hydrated ferric oxide. 
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in these reagents necessary. Consider, for example, a O.lilf 
solution of sodium sulfide w hich is being used as a source of S“. 
The sulfide in a 0.1 M solution of Na 2 S is about 98 per cent 
hydrolyzed; consequently, the actual S~ concentration in such a 
solution is only 0.00271/. If it is desired to increase the S“ in such 
a solution, some sodium hydroxide or potassium hydroxide must 
be added to the mixture. The OH" furnished by either base will 
repress the hydrolysis, as would be expected from the equation 

+ n 2 0 ^ IIS- + OH- 

and thereby increase the concentration of S"". In general, an 
increase in the concentration of any of the products of a hydroly- 
sis will repress the hydrolysis 

Frequently the hydrolysis of reagents causes the formation of 
products entirely different from those ordinarily expected. If, 
for example, a solution of sodium carbonate is added to a solution 
containing Cu +I , the reaction that one might expect would be 

Cu ++ + CO.- ^ CuC<) 3 

Instead, however, a basic carbonate forms. This is a result of the 
hydrolysis of the sodium carbonate, such hydrolysis resulting in a 
lower CO 3 = concentration and at the same time making the 
solution definitely basic. The ions of many other heavy metals 
behave similarly; consequently, to precipitate the normal 
carbonate, a solution of sodium bicarbonate is often used as the 
reagent. The CO 3“ concentration in such a solution is much less 
than it is in a solution of sodium carbonate, but hydrolysis is 
also much less and the OH~ concentration is not sufficiently great 
to cause a basic salt to form. 

Hydrolysis and Bronsted’s Theory. Although in the first part 
of the preceding section, hydrolysis was pictured as the reaction 
of H + or OH" from w ater with the ions of a salt, e.g., for ammo- 
nium chloride in aqueous solution, 

H 2 0 ^ H+ + OH" 

+ 

ci- + nh 4 + 

it 

XH 40 H 

the more modern conception is that of a direct reaction of the 
ions of the salt with water molecules. According to Bronsted’s 
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theory, the hydrolysis of an ammonium salt may be considered 
a reaction in which NH 3 molecules and H 2 0 molecules are com- 
peting for protons. Since the hydronium ion is extremely stable, 
it is able to take some part in the reaction and the hydrolysis 
would therefore be represented by the equation 

NH 4 + + H 2 0 ^ NH 3 + H 3 0+* 

Now, according to Bronsted’s conceptions, an acid is a 'proton 
donor whereas a base is a proton acceptor. According to these 
definitions, it is possible to classify NH 4 + and H 3 0+ as acids, e.tj , 

NH 4 + ^ NH 3 + H+ 

H 3 0+ 1I 2 0 + H+ 

wheroas in the reverse reactions NH 3 and n 2 () may be classified 
as bases, c.g., 

NH 3 + H+ ^ NH 4 + 

H 2 0 + H+ ^ II 3 O+ 

Consequently, the hydrolysis reaction is seen to be essentially 
a reaction between an acid and a base to form an acid and a base: 

NTI 4 + + H 2 0 NH 3 + H 3 0+ 

Acid Base Base Acid 

If the hydrolysis of a salt of a strong base and a weak acid, 
such as sodium acetate, is considered, a similar situation is found, 
the water in this case acting as an acid: 

C 2 H 3 0 2 “ + H 2 0 HC 2 II 3 0 2 + OH“ 

Base Acid Acid Base 

Now, suppose that neutralization reactions arc considered in 
a similar manner. The reaction between NaOH and HC1 is 

Na+ + OH- + H 3 0+ + Cl- ^ Na + + Cl- + 2H 2 0 
/. OH- + H 3 0+ ^ 2H 2 0 

Base Acid Acid or base 


* The formation of NH 3 in this reaction is in line with the idea that NH 4 OH 
molecules do not exist in aqueous solutions but that ‘‘ammonium hydroxide” 
solution consists of the equilibrium mixture 


NH 3 + H 2 0 ^ NH 4 + + OH" 



HYDROLYSIS AND BRONSTED’S THEORY 


129 


whereas that between acetic acid ami sodium hydroxide would be 
HC 2 II 3 <) 2 + Oil- C 2 H 3 0 2 - + II 3 ()+* 

Acid Base Base Acid 

By comparing the hydrolysis equations with the neutraliza- 
tion equations, it is easy to see that in each case the reaction is 
of the following type: 

Acidi + basei ^ acid 2 + base 2 

In other words, from the modern point of view, there is no real 
difference between neutralization and hydrolysis. It is therefore 
becoming increasingly customary to speak of both types of 
reaction as acid-base reactions, and to eliminate the use of the 
older terms. The chief value in retaining the terms neutraliza- 
tion and hydrolysis lies in the fact that these terms indicate the 
direction of the reaction that is of the most importance to the 
purpose at hand. 

The hydrolysis of salts of metals whose hydroxides are only 
slightly soluble or are weak electrolytes presents a similar situa- 
tion. Since a simple metal ion contains no hydrogen, however, 
it is obvious that if it is to act as a proton donor, some other 
factor must enter. It is well known that most cations are 
hydrated to some extent in aqueous solutions. Although cupric 
ions are usually written as Ou ++ for the sake of simplicity, 
actually these ions are hydrated, having the formula Cu(II 2 0 ) 4 ++ . 
Similarly, zinc compounds in solution give Zn(H 2 0)4 ++ . As a 
rule, it is unnecessary to consider this hydrated condition; and 
since they are less cumbersome, the simpler formulas are used. 
In cases in which the acidic nature of the cation must be con- 
sidered, however, it is necessary to use the hydrated form. The 
first step in the hydrolysis of the salt of a metal of this type, 
therefore, may be illustrated by the equation for the hydrolysis 
of a zinc salt: 

Zn(H 2 0) 4 4+ + H 2 0 Zn(H 2 0)s(()H) + + II3O+ 

Acid Base Base Acid 

* In writing ionic equations of this type it is customary to write the 
formulas of weak electrolytes as molecular formulas rather than as the 
separate ions. Thus, in this equation molecular formulas are written for 
the HC2H3O2 and the water. Such an equation does not necessarily repre- 
sent the true mechanism of the reaction ; it is more a statement of the starting 
substances and the final products. 
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Although the Zn(H 2 0) 3 (0H)+ is represented here as a base, it is 
also capable of undergoing further hydrolysis, in which case it 
acts as an acid. 

Indicators. It has already been pointed out that a knowledge 
of the H + concentration is extremely important for the proper 
control of many reactions, both in their analytical and in their 
industrial applications. Although a number of instruments arc 
available to measure the pH of a solution, use is frequently made 
of a class of substances known as indicators. Indicators are dyes 
that are able to assume a color that, for a given dye within certain 
limits of pH, varies with the pH of the solution in which it is 
contained. Some of these are familiar even to students of 
elementary chemistry, e.g., litmus, which is usually described as 
being red in acidic and blue in basic solutions, and phenolphtha- 
lein, described as colorless in acid and red or pink in basic solu- 
tions. Many others, however, are used only for special purposes 
and are usually encountered only in more advanced courses. 

To understand the behavior of acid-base indicators it is 
necessary to realize that these substances are themselves either 
weak acids or weak bases, the unionized molecules of which have 
one color while the ion, other than H H ‘ or OH"", furnished by the 
indicator has a different color. The conditions existing in a 
solution of any acid-type indicator may be represented by the 
equation 

///*ld (colot A) ^ H + Ind (tolor 13 > 


in which Hind represents the molecule of the indicator and Ind~ 
represents the anion of the indicator. The law of mass action 
applied to this equilibrium mixture yields the equation 


[H+H/wrfi _ K 

[Hind] 


( 22 ) 


in which Kj is known as the indicator constant. For acid-type 
indicators, K/ is the same as the ionization constant.* 

By algebraic rearrangement, this equation becomes 


[Hi _ [Hind] 
Kj [lnd~] 


(23) 


* It should be noted that these indicators are typical weak acids. Conse- 
quently, the generalizations discussed here are, with the exception of the 
color changes, the same as would be true for any weak acid, e g ., acetic acid. 
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Now suppose that the undissociated molecule, II Indy is red while 
the ion, Ind~y is yellow. Under these conditions, if II 4 is adjusted 
to a value equal to K I} the concentration of Ind~ will equal that 
of Hind and the solution will be orange. If, now, the concentra- 
tion of II + is increased, the concentration of Hind will also 
increase and that of I nd~~ will decrease. The result will be that with 
less yellow and more red, the solution will change from orange to 
a red-orange ; and if H + is made sufficiently great, the red II Ind will 
become concentrated enough to mask completely the yellow of the 
small concentration of Indr that remains. On the other hand, 
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suppose a base is added, little by little, to the solution. The 
increase in OH - means that the II 4 * concentration must decrease; 
but as IU decreases, the concentration of Hind must also decrease 
and that of Indr must increase. The solution will, therefore, 
finally reach the point where the Illnd is so low in concentration 
and the Ind~ is so great that the yellow of the latter predominates 
and little or no red can be seen. This indicator would, then, 
be classified as one that is red in acidic and yellow in basic solu- 
tions. Methyl orange is of this type. 

A study of this equation reveals another fact. If, as was 
shown, the mid-point color of this indicator is obtained only 
when [H + ] equals K h then for the indicator to be used to tell 
when a solution is really neutral, K t must have a value of 1 X 10~ 7 
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— for that is the concentration, at room temperature, of H + in a 
neutral solution. Actually, indicators of this type have dissocia- 
tion constants of quite different values; consequently, many 
indicators cannot be used to show whether or not the solution is 
actually neutral. 

For most indicators the change in concentration of H + between 
the point at which the color of the Indr is the most visible and 
that at which the color of Hind predominates is about a hundred- 
fold. This means that for the indicator to undergo a complete 
change in color from its so-called basic color to its so-called acid 
color, the pH of the solution must change by about two pH units. 
More definitely, since the mid-point of this color change is that pH 
at which [II 4 ] approximately equals the ionization constant for 
the indicator, the color-change interval (see Fig. 13) for the 
indicator will be approximately from pH = [(— log if/) —l] to 
pH = [(— log Ki) + 1]. 

To illustrate, suppose that one is considering the color-change 
interval of an acid-type indicator whose ionization constant is 
1 X 10 ~ 4 . The color-change interval will be from approximately 

pH = (- log A,) - 1 

= (- log 10-*) - 1 = +4 - 1 = 3 
to 

pH = (- log 10- 4 ) + 1 = +4 + 1 = 5 

In other words, the acid color will be the only noti cable color in 
a solution whose pH is 3 or less; whereas when the solution has 
a pH of 5 or more, the basic color of the indicator will predominate. 
Thus, even though the solution is still definitely acid, if its pH is 
5 or greater, the indicator will give the same color as it does when 
the solution is definitely basic ! 

It is evident, therefore, that a given indicator can be used for 
pH determination only if the pH of the solution falls within the 
color-change interval of Hie indicator; for solutions of higher pH 
will all give the same basic color, while those of lower pH will all 
give the same acid color. 

Although the derivations used in this discussion were based on 
the behavior of acid-type indicators, those indicators which are 
classified as weak bases follow, in many respects, the same 
general rules. The color-change intervals usually cover a range 
of about two pH units, and the color is dependent upon the H + 
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concentration of the solution. The mathematical relationships 
are slightly different, however. If the indicator Is represented by 
IndOW, then 


ZwdOHuoior A) V “ Ind + (cu\orB) + OH~ 


[Ind+][0 H~] 
“ [IndOH] 

[OH“] 


= K 

jr [IndOH] 
= A [/«</+] 


(24) 

(25) 


It will be remembered, however, that in any aqueous solution, 


[OH] 

r ,[In<H )H] 

K u»«i*r 

. (H*l 

*' Ku /K 


K w 

[H»] 

K w 

[H-*] 

[Ind+] 

\ IndOH] 


( 20 ) 


The ratio K w 4 - K may be set equal to another constant, K h 
which is the indicator constant for this type of indicator. The 
equation thus becomes 


[H+] [Ind ¥ \ 
Kr [IndOH] 


(27) 


Inspection this equation reveals a striking similarity between 
it and the corresponding equation for the acid-type indicator. 
In the first place, as with the acid-type indicators, the mid-point 
of the color-change interval for base-type indicators is approxi- 
mately at the pH at which [H 4 *] equals Kj. Secondly, the color- 
change interval again will be in the pi I range given by the 
expression 

(- log IQ ± 1 (28) 

Finally, if it is remembered that for the acid-type indicator, 
[Ind~] represents the concentration of the basic form of the 
indicator and [Hind] represents the concentration of the acid 
form, then 

[H + ] _ [Hind] _ concentration of acid form 
Ki [Ind~] concentration of basic form 
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Similarly, for the base-type indicator, [Ind + ] is the concentration 
of the acid form, and [IndOH] is that of the basic form of the 
indicator; therefore, 

[H + ] _ [Ind + ] _ concentration of acid form 
Ki [/ndOHj concentration of basic form 

Thus the form of the equations for both types is essentially the 
same. 


SUMMARY 

In any aqueous solution there are always both hydrogen ions 
and hydroxyl ions. Their concentrations arc related mathe- 
matically by the equation [II + ][OH~] = K w , in which K w at 25°C. 
is 1 X 10“ 14 . In neutral solutions at 25°C., 

[H+] - [Oil-] = 1 X 10- 7 mole per liter 

The pH of a solution is the logarithm of the reciprocal of the 
hydrogen (or hydronium) ion concentration. A neutral solution 
has a pH of 7 ; a solution whose pH is less than 7 is acid; and one 
whose pH is greater than 7 is basic. 

The reaction of one or more ions of a salt with those of water is 
known as hydrolysis. Salts that were formed by the reaction of 
weak acids and strong bases hydrolyze to give basic solutions; 
those of strong acids and weak bases give acid solutions; those of 
weak acids and weak bases hydrolyze to give acidic, neutral, or 
basic solutions according to the relative degrees of ionization of 
the acid and the base ; while salts formed by the reaction of strong 
acids with strong bases do not hydrolyze. Salts of slightly 
soluble bases give an effect similar to that obtained with salts of 
weak bases, etc. The degree of hydrolysis of any salt can be 
calculated from relationships illustrated in this chapter. It is 
greater at higher temperatures than at low temperatures but is 
smaller in solutions to which liquids such as alcohol have been 
added than it is in pure water. 

Hydrolysis frequently causes basic salts to precipitate when 
normal salts might ordinarily have been expected. 

Bronsted’s definitions of acids and bases leads to the classifica- 
tion of both neutralization and hydrolysis as acid-base reactions. 
According to this theory, the hydrolysis of salts of slightly soluble 
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bases involves the loss of II + by the hydrated cation — the cation 
thus acting as an acid. 

Indicators are dyes exhibiting colors that, within limits char- 
acteristic of the indicator, are characteristic of the pH of the 
solution. These indicators are weak bases and weak acids. 
Each indicator undergoes a complete change from its “acid” 
color to its “basic” color between definite limits of pH. This 
range of pH is known as the color-change interval for the indicator 
and usually covers two pH units. Many of the indicators used 
have color-change intervals that do not include a pH of 7 and 
therefore* cannot be used to tell whether or not a solution is 
really neutral. 


Review Questions 

1. Define: (a) pH, ( b ) pOII, (r) hydrolysis, (ft) indicator, (c) color-change 
interval 

2. What is the color-change interval for methyl orange? Phenol- 
phthalein? 

3. By means of equations, show which of the following hydrolyze Also 
explain why they hydrolyze and what kind of solution will be obtained: 

(a) KChHiOt. (b) Ki\0, (c) ZnCl 2 

(d) Na 2 C0 3 . (e) NH 4 C 2 H,0 2 . (/) (NH 4 ) 2 S0 4 . 

4. Explain why basic silver carbonate precipitates when sodium car- 
bonate solution is added to silver nitrate solution 

5. Explain by equations why the concentration of NH 4 ^ is not 0 02 M and 
that of 00 3 “ is not 0 01 M in a 0 01 M solution of ammonium carbonate 

6. Explain, using equations, why sodium hydroxide must be added to a 
solution of Na 2 S if a high concentration of S~ is desired in the solution. Do 
the same for Na 2 COi and COsT. 

7. Which types of salts hydrolyze to give acidic solutions? Basic solu- 
tions? Neutral solutions? Which do not hydrolyze? 

8 . What effect is produced on the hydrolysis of a salt by (a) increasing the 
temperature, ( b ) adding alcohol? 

9. Ordinary soap consists of the sodium salts of certain weak organic acids 
Would its aqueous solution be acidic or basic? How could you test to see if 
the soap contained any excess alkali? 

10. By means of ionic equations explain why Mg00 3 can be precipitated 
from moderately basic solutions by means of C0 3 “. Explain why it cannot 
be piecipitated if the basic solution is strongly buffered by ammonium salts. 

Problems 

1. What is the OH" concentration in (1 ) moles per liter and in (2) grams 
per liter in solutions whose II + concentration is : 
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(a) 1 X 10~ 6 mole per liter? (b) 1 X 10“ 8 mole per liter? 

( c ) 2 X 10~ u mole per liter? ( d ) 2.5 X 10~ 6 mole per liter? 

(e) 0.00014 mole per liter? (/) 0.000005 mole per liter? 

Answers: (a) 10~ 9 mole per liter, or 17 X 10~ 9 g. per liter, (c) 5 X 10~ 4 
mole per liter, or 8.5 X 10~ 3 g. per liter. 

2. What is the H + concentration in solutions having OH“ concentrations 
of 

(a) 1 X 10“ 3 mole per liter? (&) 1 X 10~ 9 mole per liter? 

(c) 8 X 10“ 7 mole per liter? ( d ) 12.5 X 10“ 8 mole per liter? 

(e) 0.00004 mole per liter? (/) 0.0025 mole per liter? 

Answers: (a) 1 X 10 -11 mole per liter, or 1 X 10 11 g. per liter, (c) 1.25 
X 10” 8 mole per liter, or 1.25 X 10 -8 g. per liter. 

3. What is the pH of each of the solutions in Problem 1? 

Answers: (a) 5. (c) 10.70. 

4. What is the pOH of each solution in Problem 1? 

Answers: (a) 9. (c) 3.30. 

6. What is the pOH of solutions of the following pH: 

(a) 5.031. (i b ) 8.149. (f) 4.82. 

(d) 10.716. (e) 7.45. (/) 1.30. 

Answers: (a) 8.969. (c) 9.18. 

6. Calculate the H+ concentration of each solution in Problem 5. 
Answers: (a) 9.31 X 10“ G moles per liter, (c) 1.514 X 10 6 moles per liter. 

7. Calculate the degree of hydrolysis of 0.14/ solutions of 

(a) NaC 2 H 3 02 - ( b ) NH 4 C1. (c) NH 4 C 2 H 3 O 2 . (d) KNO 2 . 

Answer: (a) 7.4 X 10" 6 . 

8. What are the [H + ] concentrations of the solutions in Problem 7? 
Answer: (a) 1.3 X 10 -9 il/. 

9. What concentration cf IIC 2 H 3 0 2 would be required to make a solution 
having a pH of 3.8? 

10. What concentration of NH 4 OIl would be necessary in a 0.014/ solu- 
tion of NH 4 C1 to give the solution a pH of 9? 
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COMPLEX IONS; AMPHOTERIC SUBSTANCES 

In the earlier portions of this book it has been customary for 
the sake of simplicity to speak of aqueous solutions as containing 
simple ions such as Cu ++ , Ag + , Na + , Cl", I“, etc. There is 
evidence, however, that all ions are hydrated, at least to some 
extent; and sufficient evidence has been accumulated to enable 
chemists to write definite formulas for some hydrated ions. 
Thus, in aqueous solutions the ions II 4 *, Cir l+ , Zn ++ , and 
Co ++ probably really exist as H 3 () + [H(II 2 0)' f ], CuflEO)^ 4 ', 
Zn(H 2 0) 4 ++ , and Co(H 2 0) fi ++ . In fact, some of these ions are 
sufficiently stable for compounds in which the ion is still hydrated 
to be crystallized from aqueous solution. Others, though too 
unstable to exist in the solid state, give evidence of their presence 
in solution.* 

Although the existence of chemical entities consisting of simple 
ions combined with neutral water molecules is itself sufficiently 
difficult to explain in terms of either electrovalenee or covalence, 
such ions are only a small group in a large class of ions known as 
complex ions. 

In general, complex ions may be formed by the reaction of ions 
either with neutral molecules or with ions of opposite charge. 
For example, Ag + , Cd ++ , Cu ++ , Zn ++ , Ni ++ , and Co ++ react with 
an excess of ammonium hydroxide, especially in the presence of 
ammonium salts, to yield complex cations: 

Ag+ + 2NII»^Ag(NII 3 ),+ 

Cd++ + 4NH 3 Cd(NH 3 ) 4 ++ 

Cu++ + 4NH 3 ^ Cu(NH 3 ) 4 ++ 

Co++ + 6NH 3 ^ Co(NH,) 6 ++ 

* The abnormally low conductivities of some dilute solutions have been 
attributed to the probability that the ions are dragging with them water 
molecules, the masses of the resultant bodies being much greater than those 
of the simple ions. Similarly, the fact that some solids dissolve in water 
with evolution of heat indicates that a chemical reaction is occurring, a 
phenomenon often ascribed to hydrate formation. 
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On the other hand, Ag+, Hg++, and Fe++ react with excess 
CN~ to form complex anions, 

Ag+ + 2CN- Ag(CN) 2 “ 

IIg++ + 4CN“ ;=± Hg(CN) 4 - 
Fe++ + 6CN- ^ Fe(CN)<r 

and Ag + , Pb+ + , and Cu 2 4+ react with excess 1“ or Cl~ to form 
complex anions of the type 

Ag+ + 21“ ^ Agl 2 - 
Pb++ + 3 Cl- ;=± PbCls” 

Cu 2 ++ + 4C1- ^ Cu 2 Clr 

As mentioned earlier, the ordinary conceptions of valence can- 
not account for the formation of complex ions; neither has any 
other theory been able to explain this phenomenon in every case. 
Some facts are known, however; and though they do not give 
a complete picture of the situation, it seems evident that these 
known factors play at least a part in the formation of these ions. 

It was pointed out in Chap. I that some molecules, such as 
water and NH 3 are quite polar in nature; i.e., they behave as if 
there were an unequal distribution of positive and negative 
charges in the molecule. In other words, one might roughly 
picture the molecule of water as a body, one end of which is 
slightly negative and the other end slightly positive in charge. 
With this in mind, it would not be difficult to understand that a 
positive ion in solution might attract the more negative end of a 
molecule such as that of water and thus hold it more or less 
firmly. In fact, it might attract several molecules in this way. 
Similarly, a negative ion might attract the positive end of the 
molecule and hold the molecule in a like way. Such aggregates 
would normally be quite unstable, however, and there would be a 
continuous exchange of water molecules, some leaving and others 
taking their places. The number of molecules associated with a 
given ion would not be fixed; and if attempts were made to 
crystallize a product containing the hydrated ion, certainly many 
water molecules would be lost from the aggregate. Yet many 
hydrates and many complex ions of other types an; very stable, 
compounds of which may be readily obtained in solid form. In 
fact, many complex ions, such as Fe(CN)e" and Co(NH3)6 +++ , 
are extremely stable and are decomposed only with difficulty. 
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Consequently, this conception, though it probably accounts at 
least partly for many phenomena noted in solution, certainly 
does not explain all complex ion formation. 

In the latter part of the nineteenth century, Alfred Werner, 
a German chemist, postulated the existence of two types of 
valence: primary valence, which is the ordinary type of valence, 
and auxiliary or secondary valence (now more commonly called 
coordinate valence), which he described as a type of bond that 
an ion can exhibit in addition to its ordinary valence. Kxperi- 
ence has shown that the auxiliary valence usually manifests 
itself as an ability of the ion to attach itself to unused electron 
pairs in another ion or a molecule. For example, as was men- 
tioned in Chap. I, the electronic configuration of the ammonia 
molecule might be written 

H 

:N:H or :NH 3 

H 


where the dots represent electrons, the hydrogen atoms being 
held to the nitrogen through shared electron pairs. The unshared 
pair of electrons makes this molecule readily capable of forming 
complex ions in a manner that may be illustrated by the equation 
for the formation of the diammine silver ion: 



' H ' 


H 

H 1 

Ag+ + 2 

:N:H 


H N:Ag:N:H 


. H 


H 

H J 


or [H*N:Ag:NH,]+ 


In this case the coordinate valence of Ag+ would seem to be 2. 
In practice, it is customary to speak of the number of ions or 
neutral molecules with which a given ion can combine as being the 
coordination number of the ion. This does not mean that the 
formula will always be that which corresponds to the coordination 
number of the ion, for by varying conditions it is often possible 
to obtain different combining ratios. A knowledge of the 
coordination number, however, enables one to predict, with fair 
accuracy, the formula of a given complex ion; and a knowledge 
of the formulas of analogous ions gives even greater weight to 
such predictions. The coordination numbers for several ions 
are listed in Table V. 
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Table V. — Coordination Numbers 


Ag + 2 

Cd ++ 4 

Co ' 6 

Co ff! - 6 

Cu + 2 and 3 

Cu ++ 4 

Fe++ or Po +++ 6 

IIg +1 - 4 

Mn++ G 

Ni 4+ 4 

O' 3 

Pb ++ 3 

1V+++ 6 

Sb ++1 * 6 

Sn *■+++ 6 

Zn + + 4 


The reason why Ag + , for example, has a coordination number 
of 2 while Cu _,+ has one of 4 has not been adequately explained. 
Attempts have been made to relate this secondary valence to a 
tendency on the part of the ion to assume a rare gas electronic 
configuration by this process of attaching itself to unused electron 
pairs; similarly, there have been attempts to relate this valence 
to incomplete inner shells in the electronic arrangement of the 
simple ion. Theories have also been suggested based upon pos- 
sible spatial arrangements around the ion. Probably all these 
theories have some usefulness in explaining the formation of 
complex ions; however, at present no explanation has been 
advanced that is satisfactory in every respect. 

It will be noticed that the electrovalence of any complex ion 
is equal to the algebraic sum of the electrovalences of the com- 
ponents of the complex ion. For example, the complex ion 
AgCl 2 ~ consists of one Ag + and two Cl". Adding the valences 
represented gives +1 — 2 = —1, the valence of the complex 
ion. Similarly, Cu(NH 3 ) 4 ++ consists of one Cu ++ and four NH 3 
molecules. Adding the valences gives +2 + 4(0) = +2, the 
valence of this complex ion. 

Formation and Dissociation of Complex Ions. Although our 
knowledge of the reasons for complex ion formation is as yet 
limited, fortunately much more is known of the chemical behavior 
of such ions, and many practical applications are made of this 
knowledge. 
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As has been indicated earlier in many equations, the formation 
of complex ions is a reversible process. Thus the reaction 
between Ag + and Nll 3 results in the formation of Ag(NH 3 )a* : 

Ag+ + 2NH 3 ^±Ag(NH 3 ) 2 + 

On the other hand, if a diamminc silver salt such as Ag(NH 3 ) 2 Cl 
is dissolved in water, the Ag(NII 3 ) 2 ' f ions in the resulting solution 
will dissociate somewhat to form simple Ag + and Nils. Any 
solution of a complex ion will therefore contain not only the com- 
plex ion itself but also some of the simple ions and molecules of 
which the complex ion was composed. Thus any solution con- 
taining Ag(NH 3 ) 2 + will contain an equilibrium mixture of the 
Ag(NII 3 ) 2 + with Ag + and NII 3 . 

Since complex ions in solution are in equilibrium with their 
simple components, it is possible either to form or to decompose 
complex ions by use of the proper reagents. Consider, for 
example, the equilibrium mixture illustrated above. Suppose 
that a solution containing a moderate concentration of Ag + is 
treated with an excess of ammonium hydroxide. At once reac- 
tion occurs to form some Ag(NII 3 ) 2 + , and within a very short 
time equilibrium will be established between the Ag + , Nil 3 , and 
Ag(NH 3 ) 2 + . As a result the concentration of Ag + in the solution 
will be reduced markedly. Now suppose that the source of the 
Ag + in the solution is a slightly soluble salt such as silver chro- 
mate, silver chloride, or silver iodide: 

Ag 2 Cr0 4 uud) ^ 2Ag + + Cr() 4 “ 

If the slightly soluble salt yields a sufficiently high concentration 
of Ag + , the reduction in concentration of the latter due to its 
reaction with NIT 3 to form Ag(NH 3 ) 2 + will cause some of the salt 
to dissolve. Silver chromate is such a compound; consequently, 
it dissolves readily in even dilute ammonium hydroxide. If, on 
the other hand, the silver salt is too slightly soluble, the concen- 
tration of Ag + that it yields in solution will be too small to permit 
the salt to dissolve appreciably in even concentrated solutions 
of NH 3 . Such is the case with silver iodide whose solubility in 
concentrated ammonium hydroxide is too slight to be of any 
great significance. 

Again consider the equilibrium mixture of Ag(NH 3 ) 2 + and its 
components. Suppose that the mixture has been prepared by 
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dissolving silver chloride in ammonium hydroxide solution and 
that it is now desired to recover (1) the original silver chloride, 
(2) the silver in the form of another compound, or ( 3 ) the Cl” in a 
solution separate from the silver. The equilibrium mixture will 
contain the following ions 

Ag(NH 3 ) 2 + + Cl- Ag+ + 2NH 3 + 

Now, if any source of 1 I + is added, e.g ., HNO3, the NH3 con- 
centration will be effectively reduced by the reaction 

Nils + H+ ^ NH 4 + 

The equilibrium will then shift to the right, thus increasing the 
concentration of Ag + . If [Ag 4 -] increases beyond the concentra- 
tion necessary for the ion product, [Ag 4 ][Cl“], to equal the 
solubility-product constant for silver chloride, precipitation of 
silver chloride must take place. 

Suppose that it is desired to form another compound of silver 
or to remove the silver from the solution and leave the chloride 
in solution. The addition of 8“ (from hydrogen sulfide or ammo- 
nium sulfide) or of I” will precipitate silver sulfide or silver 
iodide, for these compounds are so slightly soluble that their 
saturated solutions contain much less Ag + than is yielded either 
by Ag(NH 3 ) 2 + or by silver chloride. Consequently, the reactions 

2 Ag + -f- S' 3 * ^ Ag2S( BO hd'> 

Ag+ + I~ ^ AgIf BOhri ) 

will take place. Since either reaction causes a pronounced 
reduction in the concentration of Ag+, the equilibrium again will 
shift in such direction as to decompose the Ag(NH 3 ) 2 + . If 
sufficient reagent is added, therefore, and the product filtered, 
the remaining solution will contain the NH 3 and Cl - with only 
insignificant quantities of Ag + . Finally, if S" has been used, 
the Ag + may be recovered readily by dissolving the precipitate 
of Ag 2 S in dilute nitric acid. 

In many cases in which it is possible for complex ions to form, 
competition between the components of the complex equilibrium 
and those of some other equilibrium in the same mixture may 

* Although both Ag + and Cl” are present in this solution, the concentra- 
tion of Ag + is so low that the ion product [Ag + ][C1~] is less than the solubil- 
ity-product constant for AgCl; consequently, no precipitation will occur. 
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result in unexpected products. It has already been pointed out 
that in a competition between Ag(NH 3 ) 2 + and Ag 2 S or Agl for 
Ag + , either of the latter two will form at the expense of the first. 
Now suppose that a v ery small quantity of ammonium hydroxide 
is added to a solution of Zn ++ containing no ammonium salts. 
Part of the Zn ++ will be at once precipitated as Zn(()Il) 2 . In 
this case two competing reactions occur, for while Zn(()Il) 2 is 
forming 

Zn++ + 2(OH~) Zn(OIl) 2 ( 8 ohd) 

a very small amount of Zn ++ is reacting with the NII 3 in the 
ammonium hydroxide : 

Zn++ + 4NH 3 ^ Zn(NiI 3 )4 ++ 

Both equilibriums must be satisfied, since the whole is in one 
mixture, but experience has shown that with a moderate con- 
centration of OII“ and a low concentration of NH 3 , the equilib- 
riums are set strongly in the direction of forming Zn(()II) 2 . 
Now suppose that it is desired to force these reactions in such 
direction as to cause tetrammine zinc ion to form and zinc 
hydroxide to dissolve. 1 f either the 011“ concentration is reduced 
or the NH 3 concentration is increased, the* desired result will be; 
obtained. The Oil” concentration may be reduct'd by adding 
H+ — but if this is done, the 11+ will also react with NII 3 , since 
there will be a competition between the 011“ and the NI1 3 for the 
H + . The best way to reduce the 0H~ concentration is by use of 
a buffering agent such as any ammonium salt, since this will 
reduce the concentration of Oil" without reducing that of the 
NH 3 . Consequently, in the presence of ammonium salts, zinc 
hydroxide will dissolve. On the other hand, if an excess of 
ammonium hydroxide is added, the concentration of NH 3 is 
again increased sufficiently to cause Zn(OIl) 2 to dissolve. 

Although the qualitative relationships illustrated may be 
extremely useful, since each kind of complex ion is capable of 
establishing an equilibrium between itself and its simple com- 
ponents, the law of mass action may be applied to derive quanti- 
tative relationships. Consider, for example, the complex ion 
CuCNHs)^. From the standpoint of dissociation, the equilib- 
rium may be expressed 

Cu(NH 3 ) 4 ++ ^ Cu++ + 4NHs 
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from which may be derived the expression 

[Cu 4 + ][NH 3 ] 4 = K 
[Cu(NH 3 )4 ++ ] 

Similarly, from the equation 

Cu((5N)»- Cu+ + 3CN“ 
can be obtained the expression 

[Cu+][ON-]» = K 
[Cu(CN) 3 -] 

and from the equation 

Ilglr^HgH +41" 
can be obtained the expression 

_ K 

[Hgl-l 

In each case the equilibrium constant is known as the instability 
constant for that particular ion. 

Now, from the standpoint of the formation of these complex 
ions, the following equations may be written : 

Cu++ + 4NH 3 Cu(NTI 3 ) 4 ++ 

[Cu(NH 3 )4+ + ] = K , 

[Cu ++ ][NH 3 ]' 

and 


Cu+ + 3CN- ^ Cu(CN) 3 ” 
[Cu(CN),i _ 
[Cu++][ON -] 3 


In such cases, the constant is known as the stability constant. 
The instability constant, K, and the stability constant, K ' , for 
a given complex ion are related mathematically by the equation 




FORMATION AND DISSOCIATION OF COMPLEX IONS 145 


The instability constants for many of the more common com- 
plex ions have been evaluated (see Table VI); consequently, 
these relationships may be used to determine many useful facts. 


Table VI — Instability Constants 


Complex ion 

C Constant 

Complex ion 

Constant 

Ag(CNV 

1 X 10 21 

c'u((’N)r 

5 X 10-** 

Ag(NII 3 ) 2 <- 

6 8 X 10-« 

Hgoir 

0 X 10 17 

Cd(CN)r 

1 4 X IO- 1 7 

| Hg(CN)«- 

4 X 10 42 

Cd(NH 3 ) 4 +H 

1 x 10- 7 

Hgl.' 

5 X \0~' 1 


Problem 1 What would be the \g + concent rat ion in a 0 1.1/ solution o( 
Ag(NHOaCl containing 0 2 mole of NH 3 per liter of solution? 
a This salt ionizes completely m so far as the ionization 

Ag(NHi) s (l —> Ag(NHj) 2 + + Cl- 


is concerned Consequently, the only equilibrium involved is that between 
the complex ion and its components: 


Ag(NH 3 )> + 

[Ag+HNHd* 

lAg(NHah H ] 


^ Ag+ + 2NH 3 
- K - 6 8 X 10~ 8 


b. It will be noted that the equation defining the instability constant is 
of the same form as was used to define the constant for a weak electrolyte. 
Consequently, the same type of reasoning may be applied here as to the 
cases of weak electrolytes. Suppose, then, that [Ag(NH 3 ) 2 + ] be evaluated 
by assuming that the loss of this ion due to dissociation is negligibly small 
compared to that which was initially present. Its concentration may 
then be considered 0 IM. 

c. Substituting the values found in b and the concentration of NIC as 
given in the equation 


[Ag M|N Hal* 
[Ag(NlfaV] 


- 6.S X IQ' 8 


one obtains 


= 6.8 X 10- 

• , w + i = 6 8 x 10 8 xai 

" l K 1 4 X 10- 


= 1.7 X 10-W 


Problem 2. What concentration of NH 3 would be required to cai^e 
0 1 mole of AgCl to dissolve in 1 liter of the NH 3 solution? 
a The reaction may be represented by the equation 

AgCl + 2NH 3 ^ Ag(NH 3 ) 2 + + Cl- 
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Two equilibriums are involved and under the conditions of the problem, 
both must be satisfied. 


[Ag + ][C1-] - £a.p. 
[Ag+][NH,? K _ 
[Ag(NII 3 ) 2 +] 


- 1.6 X lO" 10 
6.8 X 10" 8 


Now when the 0.1 mole of AgCl has just dissolved , the concentration of Ol- 
will be O.lTlf. Since the solubility-product equation must be satisfied at 
this point, then 


[Ag+](0.1) - 1.6 X 10- 
•**l Ag + ] = L6 X 10 " 


0 1 


1.6 X 10-W 


But the equation for the instability constant must also be satisfied; conse- 
quently, [Ag + J in that expression will also be 1.6 X 10~ 9 71/ 

b . Since the complex ion Ag(NIIi) 2 + is fairly stable, practically all the 
silver from the dissolved AgOl will form Ag(NIT 3 ) 2 + This may also be 
seen if one considers that of the 0. 1 mole of silver from the dissolved AgCl, 
only 1.6 X 10“ 9 mole remains as simple Ag + . Without significant error, 
therefore, [Ag(NH 3 ) 2 + ] may be considered 0.1 M 

Substituting the values found for [Ag + ] and [Ag(NH 3 ) 2 +] in the equation 


[AgMlNHaP 

[Ag(NH 3 ) 2 +j 


6 8 X lO- 8 


one obtains 


(1 6 X lO-^lNHd 2 

0.1 

[NH 3 ] 2 
[NH 3 ] 

c. It must be remembered, however, that the concentration of NH 3 
calculated here is only that which was left free m the solution at the end of 
the reaction In addition, the 0.1 mole of Ag(NH 3 ) 2 + formed required 
0.2 mole more of NH 3 At the beginning, therefore, the concentration of 
NH 3 needed would be 


- 6 8 X lO" 8 

_ 6 8 X lO' 8 X 0.1 _ d 9 - 
L6 X 10- 9 4 25 

= V4 25 = 2 0671/ 


2.06 + 0.2 = 2.2671/ 

Amphoteric Hydroxides. It has already been mentioned that 
a number of metals form hydroxides that, though only slightly 
soluble in water, are capable of dissolving either in acids or in 
active bases * 

* Ammonium hydroxide is too slightly ionized to yield enough OH - to 
cause a hydroxide to exhibit its amphoteric characteristics. When a 
slightly soluble base dissolves in excess ammonium hydroxide, therefore, it is 
due to the formation of ammonia complex ions. 
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The fact that these amphoteric hydroxides are soluble in strong 
bases would seem to indicate that they possess acidic char- 
acteristics in addition to the properties normally associated with 
bases. In other words, the hydroxide might be considered able 
to ionize, in aqueous solutions, in either of the following two ways: 


O— H 



\ 


0 — H 


Zn++ + 2(()H~) 


O— H 

/ 


\ 


O— H 


0— 

/ 

H+ + Zn 

: h 


Such is the classical explanation of am phote rism. It has been 
customary, therefore, to consider the equilibrium between solid 
Zn(OH) 2 and its ions in solution as follows: 

m + nz»o,- ^ 7 '"“ + 2<mI '> 


In any solution in which solid Zn(OII) 2 is in equilibrium with its 
ions in solution, there will be both IIZm() 2 " (zincate ion) and 
Zn ++ , in addition to the H + and Oil - present in all aqueous 
solutions. 

If an acid is added to this mixture, the H+ from the acid will 
react with the OH - to form water; consequently, the OH - con- 
centration will be reduced and the whole equilibrium represented 
above will shift to the right. This accounts for the dissolving 
of Zn(OH) 2 in acids. On the other hand, if a strong base such 
as sodium hydroxide is added to this mixture, the Oil - from the 
active base will react with the 11+ to form water. The conse- 
quent reduction in the concentration of the H+ will cause the 
equilibrium to shift to form HZn() 2 ~ and the solid Zn(OH) 2 will 
again dissolve. 

The reactions of Al(OH)s may be represented in a somewhat 
similar fashion. In this case, however, the acid form is written 
as a monobasic hydrated acid, to account for the formation of 
AlOj - when the hydroxide is dissolved in solutions of alkalies. 
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m + mo,- - ["XiW)] ~ A, ~* + 3 < 0H ~> 

The reactions for chromic hydroxide are similar to those of 
aluminum hydroxide; while those of lead hydroxide and stannous 
hydroxide are like those of zinc hydroxide. 

Antimonous and stannic hydroxides are usually said to be 
amphoteric also, these hydroxides dissolving in alkalies to form 
ions which may be written Sb() 2 “ and Sn() 3 ~ respectively. Actu- 
ally, these hydroxides dissolve most readily in halogen acids such 
as HC1, and there is much evidence to support the belief that 
Sn ++++ ions exist in only very low concentrations in these solu- 
tions. It has been fairly well established that stannic chloride 
solutions contain chiefly SnCl 6 ” rather than Sn ++++ ; and owing 
to its acidic nature, the hydroxide is more often written as 
II 2 Sn 03 -xTl 20 (metastannic acid) instead of as Sn(()H) 4 . 

More recently a different theory has been advanced to account 
for the behavior of amphoteric elements. This theory is based 
upon the well-known fact that the amphoteric elements are 
capable of forming complex ions, especially with anions. Thus 
Pb + + is capable of reacting with an excess of I~ to form Pbl 3 ~: 

Pb++ + 31- ^ Pbl 3 " 

In similar manner it is suggested that Pb + + may react with excess 
OH~ to form Pb(()II) 3 -, which may then lose one molecule of 
water to form the ion HPb 02 ~: 

Pb++ + 3(OH") ^ Pb(OH) 3 - 

Pb(OH) 3 - ^ IIPb0 2 - + H* O 

It is assumed that three hydroxyl ions are involved in the com- 
plex, since the usual coordination number for lead is three in 
compounds of this type. 

Likewise, the reaction between Zn ++ and strong bases is sug- 
gested as being 

Zn++ + 4(OH~) ^ Zn(OH)r 

or possibly 

Zn++ + 3 (OH”) Zn(OH) 3 “ 
while that of Al +++ might be represented as 

A1+++ + 4(0H-) -> Al(OH) 4 - 
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and that of Cr +++ as 

Cr+++ + 4 (OH - ) Cr(()II) 4 ”* 

The reaction for Sn ++ would be like that for Pb ++ , while that of 
g n ++++ W ould be 

Sn++++ + 0(OH~) ^ Sn(()II)«- 

In these equations, the formulas for the intermediate products 
have been written for Cr +++ and Al +++ as if these ions combined 
with four ions or molecules in forming complex ions. Actually, 
there is evidence to support the belief that these ions have 
coordination numbers of six. Although it is possible to justify 
the foregoing equations on the grounds that the coordination 
number of six represents a maximum number that is not always 
attained, there is another method of representing these reactions 
that takes account of this full coordination number. The theory 
behind this representation makes use of the mechanism sug- 
gested by Bronsted's acid-base theory to explain the hydrolysis 
of salts of cations whose hydroxides are only slightly soluble. 
According to this mechanism, the precipitation of zinc hydroxide 
would be represented by the following equations: 

Zn(II 2 0) 4 ++ + 2H 2 0 ;=± Zn(H 2 0) 2 (()H) 2 + 2H.O+ 

H 3 0+ + ()ll”^±2II 2 0 

while with excess OH” the reaction would be 

Zii(H 2 0) 4 ++ + 3H 2 0 Zn(H 2 0)((>n) 3 “t + 3II s O+ 

H 3 0+ + OK” ^ 2H 2 0 

In a similar way, the corresponding reactions for aluminum 
would be written 

A1(H 2 0) 6 +++ + 3II 2 0 ^ A1(II 2 0) 3 (0H)3 + 3H.O+ 

A1(H 2 0) 6 +++ + 4H 2 0 A1(H 2 0) 2 (0H) 4 ” + 4H 3 0 + 

H 3 0+ + OH” 2H 2 0 

* The relationship between this conception and that previously suggested 
can be seen by noting the fact that if the hydroxyl complexes were partly 
dehydrated, the products would be the simpler 10 ns suggested earlier 

f The existence of complex 10 ns 111 which the coordination number is 
satisfied by more than one kind of ion, or by 10 ns and molecules together, 
has been well established, particularly for the complex 10 ns of ('o 44 + and 
of Cr ++J '; consequently, the mixed complex ions illustrated here are not 
suggested without excellent grounds. 
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It is obvious that since amphoteric hydroxides dissolve in either 
acids or bases — in other words in solutions of either low or high 
pH — there must be some pH between these extremes at which 
a given hydroxide will exhibit a minimum solubility. This pH 
is called the isoelectric point for the amphoteric hydroxide. 

Analytical Applications. Of the many applications of complex 
ions to analysis, one of the earliest met in the laboratory is that 
in which ammonium hydroxide is used to dissolve AgCl in order 
to effect the separation of silver from mercurous mercury. The 
process by which the AgCl dissolves has already been explained 
in this chapter,* as has also the establishment of the presence of 
silver by reprecipitating it as Agl or AgCl. 

In Cation Group II, complex ion formation is used many times. 
The tin and copper subgroups are separated by making use of the 
fact that a moderately high concentration of S” will cause mem- 
bers of the tin group to form thio complexes. Either ammonium 
or sodium monosulfide may be used as the source of S~; and the 
procedure employed is that of treating the mixed sulfides of 
Group II with successive portions of the hot solutions of the 
alkali monosulfide. The reactions that take place are 

As 2 S 3 + 3S~ ^ 2AsS 3 " 

Sb 2 S 3 + 38- ^ 2SbS 3 sa 
SnS 2 + 8- ^ SnS 3 - 

Stannous sulfide is not soluble in ammonium monosulfide; con- 
sequently, any tin present must be oxidized to the stannic state 
before Group II is precipitated, or else ammonium polysulfide 
instead of ammonium monosulfide must be used in the subgroup 
separation. Ammonium polysulfide itself, which is formed by 
dissolving sulfur in (NH^S solution, contains complex ions of 
the type S x ~,t in which x may be 2, 3, 4, etc. The extra sulfur 

* The NH 3 also reacts with the Hg 2 Cl 2 present at that point m the analysis 
to form a mixture of Hg° and HgNH 2 Cl (mercuric jjmmonochloride). 

Hg 2 Cl 2 + 2NH 3 -» Hg° -f HgNH 2 Cl + NH 4 + + Cl“ 

The compound HgNH 2 01 is not an ammonia complex in the usually accepted 
sense of the term. 

t Complex ions that contain only one kind of atom are known as homa- 
tomic complex ions. Another example of this kind of ion is 1 3 “, which is 
formed when I 2 is dissolved m solutions of iodides. The formation of this 
and similar ions accounts for the unusually high solubility of iodine in KI 
solution. 
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enables these ions to act as oxidizing agents; consequently, 
polysulfides can dissolve stannous sulfide: 

SnS -f- S*~ ^ SnS 3 ~ 

and they are also capable of oxidizing arsenous sulfide to form 
soluble thioarsenates: 

AS0S3 4 " 2AsS 4 

Whether it is the monosulfide or the* polysulfide that is used to 
dissolve the sulfides of the tin group, the sulfides of these metals 
can be reprecipitated by acidifying the solution slightly. The 
reaction of H 4 * with S~ 3 reduces the concentration of the latter to 
a point lower than that needed to form appreciable quantities of 
the complex thio ions; consequently, the equilibrium shifts in 
such a way as to precipitate the sulfides. Too great excess of II + 
will, however, reduce the concentration of S" so much as to cause 
the more soluble sulfides, Sb 2 S 3 and SnS 2 , to redissolve. 

In the identification of lead an interesting application is made 
of the amphoteric nature of this element. The lead is precipi- 
tated as the chromate, but under certain conditions a chromate 
of bismuth may also form at this point. Since tri valent bismuth 
is not amphoteric, the presence of haul is confirmed if the precipi- 
tate proves to be soluble in sodium hydroxide solution. The 
reactions involved may be represented as follows: 

PbCr() 4 ' B ohd) ^Pb++ + Cr0 4 ~ 

P b ++ + 3(oii-) — iiPbo 2 - + n 2 o 

The formation of ammonia complexes serves a number of pur- 
poses in Cation Groups II and III. In the former, an excess of 
ammonium hydroxide is added to the solution when all cations 
except Bi +++ , Cu++, and Cd++ have been removed. Since Bi * < 4 ' 
does not form ammonia complexes while Cu 4 ^ and Chi 4 * 4 form 
Cu(NH 3 ) 4 ++ and Cd(NH.) 4 4 *, respectively, Bi(()H) 3 is precipi- 
tated and the' other two remain in solution. Similarly, in 
weakly alkaline solutions containing ammonium hydroxide and 
ammonium salts, zinc hydroxide cannot precipitate, owing to the 
formation of Zn(NH 3 ) 4 4 " f , but under the same conditions A1(0H) 3 
precipitates readily. In Group III, therefore, the unknown fre- 
quently (see Optional Method I) is carried to the point where it 
contains only A10 2 — and HZn0 2 ’'‘, and then the solution is buffered 
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with ammonium acetate. The concentration of 0H~ is thereby 
reduced to the point where Al(OIi) 3 precipitates while at the 
same time ammonium hydroxide is produced: 

NH 4 + + OH" ;=± NH 4 OH 

The ammonia in this ammonium hydroxide reacts with the Zn ++ 
to form Zn(NH 3 ) 4 ++ , with the result that the zinc remains in 
solution. 

The separation of the Group III subgroups in Optional Method 
I depends upon the fact that the hydroxides of aluminum, 
chromium, and zinc are amphoteric wdiereas those of the other 
metals of this group are not. Similarly, the separation of Fe +++ 
from Co ++ and Ni ++ depends upon the formation of Co(NH 3 )6 ++ 
and Ni(NII 3 ) 4 ++ and the precipitation of Fe(OH) 3 when an 
excess of ammonium hydroxide is added to the solution from 
which the other cations have been removed. 

SUMMARY 

Complex ions may be formed by the reaction of ions with 
neutral molecules (such as water, forming hydrated ions, or 
ammonia, forming ammonia complexes) or with ions of the oppo- 
site kind of charge. The number of molecules or ions with which 
a given ion can combine to form a complex ion is known as its 
coordination number. The auxiliary (or coordinate) valence 
exhibited by ions in forming complexes is generally used to attach 
the ion to unused electron pairs in the molecules or ions with 
which it is combining. 

Complex ions form by means of reversible reactions; con- 
sequently, any solution of a complex ion contains some of its 
simple components. The resulting equilibrium can be shifted 
in either direction by applying the principles usually used for the 
shifting of equilibriums, and by this means many slightly soluble 
compounds can be dissolved and reprecipitated. Also the 
relative concentrations ox the complex ions and their simpler com- 
ponents in any solution are controlled by the relationship for the 
instability constant for the ion. 

Amphoteric hydroxides are slightly soluble hydroxides capable 
of dissolving in either acids or strong bases. The amphoterism 
exhibited by the hydroxides of these metals seems to be due either 
to a partial ionization of the hydroxide to yield H 4 * or to an 
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ability of the ion to form complex ions by combining with 
more hydroxyl ions than are required to form the normal hydrox- 
ide. In terms of the Bronsted acid-base theory, however, the 
reaction would be explained as involving a loss of protons by 
the hydrated metal ion to form hydronium ions and leave 
hydroxyl ions in place of the water of hydration. This reaction 
would be aided by the subsequent reaction of the hydronium ions 
with the OH” from the active base. 

For any slightly soluble amphoteric hydroxide there is a certain 
pll at which the hydroxide has its lowest solubility. This pH 
is known as the isoelectric point for that hydroxide. 

Many applications are made of the formation of complex ions 
and of amphoterism in analytical separations. 

Review Questions 

1. Define: (a) complex ion, (b) coordinate valence, (c) coordination num- 
ber, (d) amphoteric hydroxide, (c) isoelectric point 

2. Explain briefly Werner’s theory of the foimation of complex ions 

3. Give the formulas for the ammonia complex ions of (a) Cu 4 +, (b) Ag*", 
(c) Zn ++ , and (d) Co 4+ . What is the coordination number of each of these 
ions? 

4. The coordination number of Pt 4H 1 ’ is six, and that of AiU 1 f is four. 
What would be the formulas for the chloro complex ions of these cations? 

6 . By means of equations show why 

(a) Agl dissolves in KCN solution. 

( b ) PbCl 2 dissolves in an excess of sodium hydroxide solution. 

(c) HgS dissolves in concentrated hydriodic acid 

(d) ZnCOi dissolves in an excess of sodium hydroxide solution. 

6. Using aluminum hydroxide, show the three mechanisms used to 
explain the behavior of an amphoteric hydroxide in the presence of excess 
alkali Repeat, using first chromic hydroxide, then stannous hydroxide. 

7. What would you expect to happen m each case m Question 6 if the 
solution were to be buffered with ammonium salts? 

8 . Of the cations covered by the analytical scheme* outlined m this book, 
list all those which form ammonia complex ions. Similarly, list those whose 
hydroxides are amphoteric. 

9. Using equations to aid you, explain why a basic salt is precipitated if a 
very little ammonium hydroxide is added to a solution of Cud 2 but, if 
sufficient ammonium salts are present, no precipitate forms. 

10. If you were given the slightly soluble hydroxide of a metal of which 
you knew nothing, how could you determine whether or not the hydroxide 
is amphoteric? Whether or not the cation forms an ammonia complex ion 
whose hydroxide is soluble? 

11. Making use of complex-forming and amphoteric characteristics, how 
could you separate Cu ++ , Bi +++ , and Pb ++ ? 
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12 . Answer Question 11 for the case of a mixture of Fe +4+ , Zn f+ , and 
A1+++ 


Problems 

1. What would be the concentration of Hg 44 in a solution that was made 
by dissolving 0.002 mole of Hgl 2 in 1 liter of 0.104M KI solution? 

Answer: 1 X 10" n mole per liter. 

2 . What would be the concentration of Ag + in a solution made by dis- 
solving 0.005 mole of AgCI in 1 liter of a solution that is 0.1 M with CN“ ? 

3 . What would be the concentration of Cd ++ in a solution made by adding 
0.02 mole of 0d +4 to a liter of a solution that is 0.1 SM with CN - ? 

4 . Would it be possible to precipitate CdS from the solution in Problem 3 
by making it 1 X 10 ~ 9 M with S~? Prove that your answer is correct. 

6. If the solution in Problem 1 was made 0.3A/ with HCi and the solution 
was saturated with H 2 S, would HgS precipitate? Give mathematical proof 
of the correctness of your answer. 

6. What theoretical concentration of NII 3 would be required to dissolve 
0.05 mole of CdS in 1 liter of the solution? Is it possible to obtain such a 
solution of NH 3 ? 
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COLLOIDS; COPRECIPITATION PHENOMENA 

Formation of Colloids. It is not uncommon during an analysis 
to obtain mixtures in which the liquid contains quantities of 
solid that remain suspended and cannot be removed either by 
filtering or by centrifuging. Such mixtures are known as colloi- 
dal systems or colloidal solutions , and the colloidal material and 
the medium in which it is suspended are known as the dispersed 
phase and the dispersing phase , respectively. 

In analytical work the formation of colloidal solutions may take 
place when reagents have been added to cause the formation of 
slightly soluble salts (in other words, the colloid may form by the 
process known as condensation ), or it may occur during the wash- 
ing of a slightly soluble substance owing to the ability of the sub- 
stance to peptize , or break up into smaller particles and thus go 
into the colloidal state. The presence of such colloidal material 
means that the separations involved will be incomplete; conse- 
quently, it is usually essential that colloidal substances be pre- 
cipitated — or, more properly, coagulated- — whenever such systems 
are encountered in qualitative analytical work. 

Colloidal material resists coagulation for two main reasons. 
One of these is the extremely small size of the individual colloidal 
particles, or micelles. The micelles have so little mass that they 
do not settle readily and even centrifugalization has little effect 
upon the smaller ones. Although micelles are much larger than 
ordinary molecules, they are small enough that the rapidly 
moving molecules of the dispersing medium hammer the col- 
loidal particles in every direction.* This movement of the 
micelles obviously retards any settling of the dispersed phase. 


* The resultant random movement of the colloidal particles, which is 
readily observed under the microscope with some colloids, is known as the 
Brownian movement. It is one of the best direct evidences attesting to the 
truth of the kinetic molecular theory. 
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Now if the micelles could gather into larger aggregates, the 
mass of the resulting bodies would be great enough for the mate- 
rial to precipitate and the dimensions of the particles would be 
large enough to permit their removal by filtration. This coagula- 
tion, however, does not occur readily, owing to the fact that the 
micelles carry electrical charges. The numbers of charges vary 
from micelle to micelle — in other words, the numbers of charges 
oil the micelles of a given dispersed phase are not fixed as they arc 
in the case of ions. The number of charges on the different 
micelles may vary from no charge at all to a fairly large number 
of charges. For a given dispersed phase in a given environment , 
however, the kind of charge will be the same for all the micelles; 
consequently the like charges on the micelles cause them to repel 
one another and make it difficult for the micelles to get close 
enough together to coagulate. 

A number of theories have been evolved to explain the presence 
of the charges on the colloidal particles of different colloidal 
systems. Although any extensive discussion of these would 
require too much space and would be of too little use to be 
included here, a few special cases arc worthy of consideration as 
illustrating (l) the probable mechanisms of the formation of 
colloids, (2) the possible ways of predicting the kind of charges on 
the micelles, and (3) the ways in which the formation of colloids 
might be minimized. 

Suppose that it is desired to precipitate silver chloride from a 
Cation Group I unknown. When the dilute hydrochloric acid is 
added to the unknown, the reaction 

Ag + + Cl- ^ AgCl (solid) 

takes place. N9W if the reagent is added drop by drop, with 
stirring and centrifuging after each addition, it is usually found 
that at first some of the silver chloride remains in colloidal form. 
This condition continues until most of the silver has been con- 
verted to silver chloride; then suddenly the colloidal material is 
observed to have coagulated. If, however, the hydrochloric 
acid is added in large excess, again much of the solid will be found 
in the colloidal state. The micelles in the first case will be 
positively charged; in the latter case they will be negatively 
charged. The suggested explanation for this phenomenon is 
illustrated in Fig. 14. It will be noticed that the surface of solid 
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AgCl consists of a regular arrangement of Ag + and Cl” (Fig. 14a). 
If the solid is formed in a solution in which Ag + is in excess, some 
of the Ag + in the solution will be held to the surface of the crystal 
by the attraction of the surface Cl” for the Ag + (see Fig. 146). 
The crystal in this manner, i.e , by adsorption of Ag 4 , acquires a 
charge equal in number and kind to those of the adsorbed ions — 




From solution containing excess Ag + From solution containing excess Cl 


Fig. 14 — Silver chloride ciystals in different envn oilmen ts. 

in this case an indefinite number of positive charges. Now sup- 
pose that Cl” instead of Ag + is in excess in the solution. Some 
of the Ag+ on the surface of the crystal (Fig. 14a) will attract 
Cl” from the solution (Fig. 14c), and the particle will thus acquire 
an indefinite number of negative charges. 

As would be expected, since the forces of attraction are appar- 
ently electrostatic, other kinds of ions might also be adsorbed by 
the solid silver chloride. As will be seen later in this chapter 
(see Coprecipitation Phenomena), such adsorption actually 
occurs; however, relatively few kinds of ions are adsorbed so 
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readily by silver chloride as are the ions of which the main mass 
of the solid is composed. 

The colloid-forming characteristics of many other slightly 
soluble electrolytes are explained in a similar manner. Thus, it 
is known that many sulfides are capable of adsorbing excess 
sulfide ions to form colloidal solutions in which the micelles are 
negatively charged. In fact some of them — notably the sulfides 
of cadmium, nickel, and cobalt — form colloids so readily that 
very small amounts of sulfide ion can cause the precipitated 
solids to peptize. 

The formation of colloids by slightly soluble hydroxides has 
been explained in a manner similar to that described above, H + 
being presumably held to the surface of the micelles by the attrac- 
tion of the surface OII~ for the positively charged H + . More 
recently, however, an idea based somewhat on the theories of 
complex ions has been postulated. Consider, for example, the 
formation of a ferric hydroxide colloid when a solution of a ferric 
salt is added to hot water. It is known that the ferric ions present 
in any dilute aqueous solution are hydrated, the formula usually 
being written Fe(H 2 0) 6 + " l + . Suppose that one of the water 
molecules in this ion loses a hydrogen ion.* A particle will be 
left that contains two positive charges instead of the original 
three and that contains one hydroxyl group: 

Fe(H 2 0) 6 +++ ^ Fe(II 2 0) 5 (0H)^ + H+ 

Now although the original water of hydration presumably was 
held to the Fe' , " +4 through an electron pair on the oxygen atom in 
the water molecule, the hydroxyl ion is held by an electro valent 
bond. Consequently, the oxygen atom in the OH - still has a 
usable electron pair. A second hydrated ferric ion which has 
lost one molecule of water may therefore attach itself to an 
unoccupied pair in the hydroxyl group, giving a particle having 
almost double the mass of a single hydrated ferric ion : 

Fe(H 2 0) 5 (0H)++ + Fe(H 2 0) 6 ++ 4 

H 

[Fe(H 2 0) & 0:Fe(H 2 0) 5 ]+++ ++ + H 2 0 

* It may equally well be supposed that the water molecule is merely 
replaced by an OH” furnished by the ionization of the solvent. The actual 
mechanism by means of which the OH” gets into the ion is immaterial in 
so far as this discussion is concerned. 
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If this second ion also loses a proton, leaving it with a hydroxyl 
ion, a third ferric ion may attach itself to the oxygen in this new 

H H 

hydroxyl group to form [Fe (1 1 2 0) 5 0 : Fe (II 2 0) 4 ( ) : Fe (IT 2 0) 5 ] + 7 , 
In this way enormous chains or clusters of partly hydra tod basic 
ions may form. The clusters will be positively charged, owing to 
the charges on the only partly neutralized ferric ions. 

Methods of Coagulating Colloids. From a knowledge of the 
nature of colloids and of the ways in which they probably form, 
it is possible to deduce methods of preventing the formation of 
colloids and of precipitating them whenever they form. Borne 
of these are as follows: 

1. Add the reagent a little at a time } with stirring, until sufficient 
reagent has been used to precipitate everything that should be 
precipitated, but avoid the use of a large excess of reagent. An 
excess is, of course, unavoidable if completeness of reaction is to 
be assured. A small excess is not harmful, however, owing to the 
fact that a large concentration of the reagent is usually needed 
before the tendency to peptize manifests itself to any marked 
extent. 

An illustration of the need for sufficient reagent to prevent the 
formation of colloids is found in Cation Group III. Quite fre- 
quently a very turbid mixture that cannot be filtered is obtained 
during the precipitation of this group. As a rule if more ammo- 
nium hydroxide and more hydrogen sulfide is added, more 
precipitate forms at once and the colloidal material disappears. 
When such colloidal solutions form, therefore, it is well to add a 
little more reagent to see if insufficient reagent is not the cause. 

2. Moderately high concentrations of electrolytes tend to neu- 
tralize the charges on the micelles and thus hasten coagulation. 
The anions of the electrolyte used are effective in precipitating 
positive colloids, whereas the cations perform the same task for 
negatively charged colloids. For this purpose bivalent ions are 
more than twice as effective as the same molar concentration of 
univalent ions, while tri valent ions are much more effective than 
a chemically equivalent concentration of bivalent ions. Unfor- 
tunately, the addition of bivalent or trivalent ions to an unknown 
is seldom permissible, either because such ions are of a kind for 
which tests are to be made later or because they will interfere 
with the separation and identification of the original ions. For 
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example, if magnesium sulfate is used to coagulate a Cation 
Group III precipitate when that group is being precipitated from 
a general unknown, the sulfates of barium, strontium, and some 
calcium from Group IV will precipitate with Group III. Also, 
tests performed later for Mg ++ will have no significance, since 
that ion is known to have been added. Consequently, unless 
other electrolytes are already present in sufficient concentration, * 
ammonium nitrate is frequently used to prevent the formation 
of colloids during cation analysis; for the ammonium ion test is 
always made on the original unknown, and neither the ammonium 
nor the nitrate interferes with the subsequent separations. 
Illustrations of the use of this substance to prevent peptization 
are found in the wash solutions used on the Cation Group II and 
III precipitates (see analytical procedure for those groups). 

Frequently substances whose colloids would have opposite 
kinds of charges are formed simultaneously. In such oases the 
micelles, if formed at all, neutralize each other and thus readily 
precipitate. 

3. Quite often merely heating a colloidal solution for a while 
will cause coagulation. This is effective in many cases and 
should always be tried before one resorts to the addition of 
electrolytes. 

Coprecipitation Phenomena. So far precipitations have been 
treated as if the resulting products were pure, no consideration 
having been given to the possibility of impurities being dragged 
down with the precipitates. For a number of reasons, however, 
it is exceedingly difficult to precipitate substances without con- 
tamination. Some of the phenomena responsible for this are 
discussed in the following section. 

Adsorption . It was pointed out in the previous section that 
the addition of electrolytes caused colloids to precipitate owing to 
the neutralization of the charges on the micelles by ions of oppo- 
site charge. Obviously, the only way in which an ion can neu- 
tralize any part of the total charge on a micelle is by attaching 

* Quite often the unknown itself contains enough dissolved electrolytes, 
in the form of the substances for which tests are being made, to prevent 
the formation of colloids. In other cases, eg., at the beginning of the 
Cation Group III precipitation where ammonium chloride is added as 
a buffer, the reagents themselves may give a sufficiently great concentration 
of ions. 
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itself more or less firmly to the micelle. Consequently, whenever 
a dispersed phase is coagulated by the action of electrolytes, the 
coagulating ion precipitates with the solid, even though the ion 
would normally form no slightly soluble compounds with any 
substance present. This phenomenon, which is one type of 
adsorption , is obviously a surface process. 

Even though no colloid formation has been apparent, adsorp- 
tion usually accompanies any precipitation. As an illustration, 
suppose that Cation Group II is being precipitated and that the 
electrolytes preventing the formation of colloids are compounds 
of the cations of the later groups. The micelles present, in colloi- 
dal solutions of metal sulfides are usually negative; consequently, 
the ions that cause coagulation must be cations. This means 
that some of the cations of the later groups will be carried down 
with the Group II precipitate. Thus tests for some of the cations 
of later groups will be weakened by loss of these cations, and 
interference' in the tests for the members of Cation Group II may 
be expected. Fortunately, the magnitude of this occurrence is 
not usually great enough to cause serious interference unless the 
unknown contains a large amount of any one cation and only a 
small quantity of the other. 

Inclusion. Certain gelatinous precipitates, such as aluminum 
and ferric hydroxides, consist of extremely tiny crystals inter- 
meshed in such a fashion as to form minute pockets in which are 
enclosed small portions of the original solution. Washing does 
not remove these protected portions of solution; and when the 
precipitate is redissolved, the resulting solution is contaminated 
with ions that should have remained in the original filtrate. In 
the analytical procedure used in some texts, ferric, chromic, and 
aluminum hydroxides of a less gelatinous, more crystalline nature 
are formed from hydroxyl ions furnished by the hydrolysis of 
ammonium benzoate. The precipitation with ammonium ben- 
zoate has been recommended by Kolthoff as reducing the error 
due to inclusion. In general, inclusion is lessened by slow pre- 
cipitation or by digesting (heating the mixture of precipitate and 
mother liquor) for some time. 

Mixed-crystal Formation. Most of the trouble caused by 
coprecipitation is due to the formation of mixed crystals of 
isomorphous compounds. Isomorphous compounds are those hav- 
ing the same type of crystalline structure and atoms of nearly the 
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the same size. Cadmium sulfide and barium sulfide are isomor- 
phous, as are also sodium chloride and potassium chloride. 
When cadmium sulfide is precipitated in Group II, some barium 
ions occasionally attach themselves momentarily to the sulfide 
ions on the surface of the cadmium sulfide. Many of these bar- 
ium ions escape into the solution again, but some of them fail 
to escape before more cadmium and sulfide ions attach themselves 
to the surface of the solid and enclose the barium ions within 
the crystal. This results not only in contaminating the precipi- 
tate with barium ion but also, in extreme cases where cadmium 
ion concentration is much higher than that of the barium ion, in 
removing so much barium that the test for the latter in Group IV 
is missed entirely. In case the cadmium ion concentration is 
extremely high, therefore, it is often necessary to redissolve the 
Group II precipitate in as small a volume of acid as possible and 
reprecipitate with hydrogen sulfide. In this solution, more of 
the barium ion will escape coprecipitation, and the two filtrates, 
combined and concentrated by evaporation, may be used for the 
barium test. Such a procedure is frequently used in quantitative 
analysis where separations must be quite complete. 

Occasionally, however, coprecipitation can be of service to the 
analyst. For example, the tests for zinc, copper, and cobalt, 
using ammonium mercuric thiocyanate reagent, depend, for their 
greatest sensitivity, on the formation of mixed crystals. The 
test is made for cobalt or copper by adding zinc ion to the solution 
and then adding the reagent. In the absence of cobalt or copper 
the following reaction occurs: 

Zn ++ + Hg(SCN)r -> ZnHg(SCN) 4 ( wblto ppt) 

If cobalt is present, the following additional reaction occurs: 

Co ++ + Hg(SCN)r -> CoHg(SCN) 4 (b.ue P pt) 

If both ions are present, mixed crystals of these two compounds 
form, the precipitate having a blue color the depth of which will 
be greater the larger the concentration of cobalt ion. This test 
will detect cobalt in solutions that would give no precipitate 
whatsoever with the reagent in the absence of zinc. 

In the case of the copper and zinc tests the same type of reac- 
tion is involved. However, if the copper is present in concentra- 



SUMMARY 


163 


tions greater than the zinc, an apple-green precipitate of copper 
mercuric thiocyanate will form. 

SUMMARY 

The components of a colloidal solution are known as the dis- 
persed phase and the dispersing phase, respectively. The indi- 
vidual particles of the dispersed phase are called micelles. 

In analytical work, colloidal solutions are usually formed either 
by condensation or by peptization. Condensation is the formation 
of colloids by the reaction of soluble substances to form slightly 
soluble products; the latter is the more or less spontaneous passing 
of a precipitate into the colloidal form. 

The micelles in a colloidal solution are too small to settle rapidly 
or to be removed by filtration, and they carry an indefinite num- 
ber of electrical charges. In some cases the kind of charge can 
be predetermined by the method whereby the colloid is formed. 
Thus if the dispersed phase is an electrolyte formed by condensa- 
tion, the use of an excess of the source of the cation will usually 
yield a positive colloid owing to adsorption of the cation, while 
the use of an excess of the anion will yield a negative colloid. 

Substances that readily form colloids precipitate best (1) if 
exactly equivalent quantities of reactants are used to form the 
precipitate, (2) if considerable amounts of soluble electrolytes 
other than the reactants are present in the solution, and (3) if 
the solution is hot 

Adsorption occurs when any foreign material clings to the sur- 
face of precipitates or dispersed material. The precipitation 
of colloidal material by the action of electrolytes always results in 
adsorption of the precipitating ions. 

Inclusion occurs when rapid precipitation or the formation of a 
fluffy precipitate results in the trapping of some of the mother 
liquor within the precipitate. Inclusion is lessened by either slow 
precipitation or digestion. 

Mixed-crystals result when a precipitate forms in such a way 
as to include within its lattice some of the ions of a compound 
with which it is isomorphous, i.e., a compound whose crystal lat- 
tice is of the same type and whose ions are of nearly the same size 
as those of the main precipitate. 

Although coprecipitation phenomena result in incomplete 
separations, they are occasionally put to good use, e.g. f in the 
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ammonium mercuric thiocyanate tests for zinc, cobalt, and 
copper. 


Review Questions 

1. Define: (a) dispersed phase, ( b ) micelle, ( c ) condensation, ( d ) pep- 
tization, (e) coagulation, (/) adsorption, ( g ) inclusion, (h) isomorphous 
compounds. 

2 . Give two reasons why colloidal substances do not precipitate readily. 

3 . How is it possible to prevent the formation of colloidal solutions? 

4 . Describe the function of each component in the wash solution used on 
the precipitate in Cation Group III. 

5. How is it possible to hasten the coagulation of colloidal material that 
is dispersed in water? 

6. What relationship exists between the valence of an ion and its ability 
to coagulate colloidal material? 

7 . If barium sulfate is being precipitated from a dilute solution of barium 
chloride by the addition of a solution of potassium sulfate, under what condi- 
tions would any colloidal barium sulfate be negatively charged? Posi- 
tively charged? What conditions would be most likely to produce no 
colloidal material? 

8. It has been found that on the addition of a solution of potassium 
chromate to solid silver iodide the silver iodide tends to peptize. Explain 
this phenomenon, and tell what kind of charges the resulting micelles are 
most likely to have. 

9. Explain why coprecipitation causes trouble in analytical work. 

10 . How may coprecipitation be useful in testing for copper? For 
cobalt? For zinc? 

11 . How is adsorption used in testing for aluminum? (See notes on 
aluminum in the analytical procedure.) 
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OXIDATION -REDUCTION REACTIONS 

Nature of Oxidation and Reduction. Thus far most of 
the reactions discussed have been of the type in which simple 
exchanges of radicals or ions or simple combinations of ions 
occurred. In many reactions, however, changes occur in the 
valences of some of the elements involved in the reaction. Such 
reactions are classified as oxidation-reduction reactions . 

As a simple example, consider the reaction between a solution 
of bromine in water and a piece of metallic copper. Using the 
ordinary molecular equation, this reaction would be expressed as 
follows: 


Cu -j- Br 2 — > CuBr 2 (1) 

The product, CuBr 2 , however, is a salt; consequently, since it is 
in solution, a more accurate representation of the facts would be 

Cu° + Br 2 ° -► Cu++ + 2Br~ (2) 

Now suppose that we examine each of the reactants to see what 
has happened to it. It will be recalled from studies of atomic 
structure and of what happens when atoms react that the valence 
of an unreacted atom is zero ; also it will be remembered that a 
typical metal gets its positive valence by losing electrons, whereas 
a nonmetal gets its negative valences by taking on electrons. 
With these facts in mind, it becomes possible to write equations 
for the reaction undergone by each of the foregoing reactants as 
follows: 


Cu° — 2 electrons (e) — > Cu ++ (3) 

Br 2 ° 4- 2 electrons (c) — » 2 Br~ (4) 


Now by definition the loss of electrons is oxidation , whereas the 
gain of electrons is reduction. The copper, therefore, is oxidized 
by the bromine, and the bromine is reduced by the copper. 
Consequently, to express the functions of these reactants, it is 
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customary to speak of the copper (the electron donor) as a reducing 
agent , or reduciant } and the bromine (the electron acceptor) as an 
oxidizing agent , or oxidant. 

If other combination reactions are examined in a similar way, 
the general conclusion is reached that the chemical combination 
of any two elements is an oxidation-reduction reaction . Likewise, 
decompositions 

2HI H 2 + I2 
2H+ + 2e H 2 ° 

21“ - 2e -> I 2 ° 

and displacements 

Zn + CuS0 4 ZnSD 4 + Ou 
Zn° - 2e — > Zn -1 + 

Cu++ + 2e -> Ou° 

are oxidation-reduction reactions. In addition to these simple 
types, however, there are many important oxidation-reduction 
reactions of a more complex nature. Some of these, such as the 
reaction between potassium permanganate and hydrochloric acid 
to produce chlorine 

2KMn0 4 + 16HC1 -> 2KCI + 2MnCl 2 + 8H 2 0 + 5C1 2 
MnOr + 8H+ + 5e -> Mn++ + 4H 2 Q 

201“ - 2e Cl 2 

should already be familiar because they are reactions studied in 
general chemistry. Others, such as the reduction of arsenate to 
arsenite by the action of iodides in acid solution ''see the precipi- 
tation of Cation Group II) 

As0 4 ~ + 2H+ + 21“ AaOr + H 2 0 + I 2 

are used in qualitative analysis; still others, such as the reaction 
between potassium dichromate and ferrous sulfate 

K 2 Cr 2 0 7 + 6FeS0 4 -f* 8H 2 S0 4 — > 2KHS0 4 -f - Cr 2 (80 4 )3 

+ 3Fe 2 (B0 4 ) 3 + 7H 2 0 
Cr*0 7 ~ 4- 14H+ + 0 € -> 2Cr +++ + 7H 2 0 
F c ++ — e — > Fe+ ++ 

find important applications in quantitative analysis. 

Balancing Oxidation-reduction Equations. Although many 
simple oxidation-reduction equations may be balanced easily by 
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the inspection method, the more complex types are often difficult 
to balance in that manner. The characteristics discussed in the 
preceding section, however, suggest a number of methods, any 
of which systematizes that procedure greatly. These methods 
are based on the fact that the number of electrons yielded by the 
reducing agent must, in the balanced equation, be equal to 
the number of electrons accepted by the oxidizing agent. Two 
methods will be discussed here. 

Ion-electron Method. Suppose that it is desired to balance 
the equation 

KM 11 O 4 + HC1 — » KC1 + MnCl, + H 2 0 + Cl 2 

1. First write the equation as if all the reactants and the 
products were in solution. In that case, all the strong electrolytes 
would be written as ions: 

K 1 * + MnOr* + H+ + Cl- -> K+ + (T* 

+ Mn++ + l£ a 0 + Cl 2 

2. Now from the foregoing (equation it can be seen that some 
of thc» ions undergo no reaction whatsoever. Thus K 4 and some 
of the Ci~, i.e ., that Cl“ which is finally supposed to be associated 
with the K + and the Mn 4-f among the products, remain in the 
same form at the end of the reaction. Evidently these 10 ns 
take no active part in the reaction. Consequently, they may be 
removed from the equation temporarily, and the reaction may 
be written* 

MnOr + H+ + Cl- -* Mn+^ + H 2 0 + Cl 2 

3. It can be seen that the two atoms undergoing valence 
changes are the manganese in the MnOf and the chlorine. 
The reactions undergone by the ions in which these atoms occur 
should therefore be written 

MnOr + H+ -> Mn++ + II 2 0 
Cl- -> Cl 2 ° 

Balancing each of these equatioas by inspection gives the 
equations 


* The Cl“ is retained on the left side of the equation, but it must be 
remembered that this represents only that which is oxidized to CI2. 
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MnOr + 8H+ -> Mn++ + 4H 2 0 
2C1” -> Cl 2 

4. Next considering the equations separately , add algebraically 
all the charges on the left side of the equation, do the same for the 
right side, and then subtract the charges on the right from those 
on the left. The answer represents the number of electrons that 
must be added (algebraically) to the left side of the equation. 

Thus for the Mn0 4 ”, 

[-1 + (+8)] - [+2 + 4(0)] = +5 
while for the chloride ions, 

-2 - 0 = -2 

C consequently, the equations become 

MnOr + 8H+ + 5e -» Mn++ + 4H 2 0 
2C1- - 2e -> Cl 2 

5. To balance these equations with respect to each other, how- 
ever, it is necessary to have equal numbers of electrons in them. 
This will be the case if the first equation is multiplied by two and 
the second equation is multiplied by five: 

2(MnOr + 8H+ + 5e -> Mn++ + 4H 2 0) 

5(201” -2 e -> 01 2 ) 

By multiplying through and then adding the resulting equations 
one obtains 

2Mn() 4 “ + 16H+ -> 2Mn++ + 8Ii 2 () 

10CI” 5C1 2 

2Mn0 4 “ + 16H+ + 10C1” -> 2Mn++ + 8H 2 0 + 5C1 2 

6. Actually the foregoing equation is balanced and represents 
the true reaction. The molecular equation is of importance in 
many cases, however; consequently the data included in the ionic 
equation should be used to balance the original molecular 
equation. To do so, remember that in this method of balancing 
the equation, no hydrogen , oxygen , or manganese , but all the potas- 
sium ions and some of the chloride ions were left out. Evidently, 
therefore, the preceding equation fixes the number of Mn0 4 “ and 
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of H + , as well as the number of Mn ++ , H 2 0, and Cl 2 . The num- 
ber of these, therefore, are fixed in the original equation: 

2KMn0 4 + 16H01 -> KC1 + 2MnCl 2 + 8H 2 0 + 5C1 2 

When this is done, only the IvCl remains unbalanced; and since 
the number of KMn() 4 is fixed at two (owing to the fact that the 
number of Mn0 4 ~ was fixed) there must be 2KC1 to take care of 
the potassium. The balanced equation, therefore, is 

2I<Mn() 4 + 16HC1 2KC1 + 2MnCl 2 + 8H 2 0 + 5C1 2 

Valence-electron Method. To illustrate this method consider 
the same equation as before so as to make a comparison of the 
two methods easy: 

KMn()« + IIC1 -> KH + MnCU* + II 2 () + Cl 2 

1. Pick out those elements which undergo changes in valence, 
and write thesn changes, in terms of the gain or loss of electrons, 
as unbalanced equations. In the preceding equation, Mil 47 
changes to Mn +2 , and some; of the Cl~ changes to Cl 2 : 


Mn+ 7 + € -> Mn 4 2 
Cl” — e — > Cl 2 

2. Balance these equations with respect to both atoms and 
elcctronsy 

Mn+ 7 + 5e -> Mn+ 2 
2C1~ - 2e -> Cl 2 

then multiply these equations by the smallest numbers that will 
give equal numbers of electrons in the two equations: 

2(Mn+ 7 + 5e -> Mn+ 2 ) 

5(2C1- - 2e -> Cl 2 ) 

3. After multiplying through, add the equations together to 
form a composite equation (the electrons will disappear by 
cancellation) : 

2Mn+ 7 -> 2Mn+ 2 
10C1“ -> 5C1 2 


2Mn+ 7 + 10CP 2Mn+ 2 + 5C1 2 
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4. Using the fact that the numbers obtained here for man- 
ganese and OI 2 are fixed, balance the original molecular equation 
as far as possible. Note, however, that the number of the Cl“ 
is not fixed by the results given above. Therefore the equation 
becomes 

2KMn0 4 + HC1 -> KC1 + 2MnCl 2 + H 2 0 + 5C1 2 

5. Finally, starting with the loft side and balancing each ele- 
ment in turn, complete the process by inspection. Thus 2 KMn 04 
means that two potassium atoms must be used. These form 
2KCI. The manganese is already balanced. 2KMn0 4 means 
eight oxygen atoms; therefore, since none of the products but 
water contains oxygen, 8H 2 () must appear among the products. 
Hydrogen, which is next in the equation, also forms no product 
but water. To furnish the 16 hydrogens required by the eight 
water molecules, 16HC1 is necessary. Finally, a check of the 
chlorine shows that the equation is balanced. 

2KMn0 4 + 16HC1 -> 2KC1 + 2MnCl 2 + 8H 2 0 + fiCl 2 

Although the detailed steps used in balancing equations will 
not be repeated, a number of balanced equations together with 
their half-cell reactions will appear in the following sections. The 
technique of balancing such equations can best be learned by 
applying each of these two methods to the equations and checking 
results against the balanced equations illustrated. 

Oxidizing Potentials. It is a well-known fact that both oxidiz- 
ing agents and reducing agents vary widely in ability to oxidize 
or reduce. For example, one would never use iodine to oxidize 
a bromide to form bromine, for the iodine is not a sufficiently 
strong oxidizing agent to do so. On the other hand, iodine is 
capable of oxidizing sulfite to sulfate, while chlorine, which is a 
much stronger oxidizing agent than is iodine, can oxidize either 
bromide or sulfite with ease. 

A number of reagents, of course, can be tried out whenever it is 
desired to oxidize or reduce a given substance, and in that way a 
suitable reagent for the purpose can be found. Such a procedure 
is inconvenient and time-consuming, however; consequently, a 
much better method has been devised. 

At the beginning of this chapter the reaction between metallic 
copper and a solution of bromine was used to illustrate oxidation 
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and reduction. In that illustration it was assumed that the 
reactants were actually in contact with each other, in uhich case 
the exchange of electrons indicated in equations (3) and (4) took 
place directly between the copper and the bromine. Now sup- 
pose that the copper and bromine are not allowed to come into 
contact with each other but instead that the copper is immersed 
in cupric sulfate solution in one container (see Fig. 15), while the 
bromine, in potassium bromide solution, is placed in another con- 



Fiu. 15. — Arrangement of a roppei Immune cell. 

tainer with an inert electrode such as platinum. The two half - 
calls * are connected by an inverted IT tube filled with a solution of 
an electrolyte such as potassium chloride. Now if the electrodes 
are connected by a metallic conductor, a current will flow between 
the electrodes. The reaction 

Cu - 2e -> Cu++ (3) 

takes place at the copper electrode, the electrons from this reac- 
tion accumulating on the metallic copper. From this electrode 


* A half-cell is a metal in contact with a solution containing its ions or 
an inert electrode m contact with a solution containing both the oxidized 
and reduced forms of a substance that is capable of losing or gaining elec- 
trons. Thus a copper half-cell consists of metallic copper in contact with a 
solution containing Cu ++ . A bromine half-cell consists of an electrode of 
platinum, gold, or other very inactive metal in contact with a solution that 
contains free bromine and bromide ions (the reduced form of bromine). 

A combination of any two half-cells is known as a cell . 
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the electrons pass through the outer circuit to the platinum 
electrode at whose surface they are picked up by the bromine 
to give the reaction 

Br 2 + 2e -> 2Br~ (4) 

With this arrangement, therefore, the reaction 
Cu + Hr 2 -> Cu+* + 2Br“ 

can take place even though the copper and the bromine are not 
in contact with each other. 

When different half-cells are assembled in the manner described 
above, the voltages of the different cells are found to be different. 
For example, the voltage of a zinc-bromine cell is larger than that 
of a copper-bromine cell. The explanation for this difference is 
easily understood if one remembers that zinc loses electrons more 
readily than copper does. Evidently this difference is a measure, 
therefore, of the relative ease with which zinc and copper give up 
electrons — or viewed differently, it is a measure of the relative 
activities of zinc and copper as reducing agents. On the other 
hand, if a zinc half-cell is combined with a chlorine half-cell, 
the voltage will be greater than was obtained with the zinc- 
bromine combination. It is obvious, therefore, that the voltage 
measured for any cell depends upon the nature of both half-cells 
and that it is a measure of the tendency for the full reaction 
;epresented by the combination to occur. 

To measure eveiy combination on which such information 
might be desirable would be an almost endless task; but if the 
/jomponent of the voltage contributed by each half-cell (some- 
times called the electrode 'potential) could be determined, then the 
voltage of any combination could be easily calculated. Although 
it is not feasible to do this, usable values have been obtained by 
measuring each against the same standard half-cell . The stand- 
ard used is the normal hydrogen electrode. This is a half-cell in 
which pure hydrogen gas at 1 atm. pressure is bubbled slowly 
over an especially prepared platinum electrode dipping into a 
solution that is IM with H + . Since the platinum electrode is 
inert in the presence of the more active reducing agent, hydrogen, 
the half-cell reaction really involves the change from H 2 to H + 
and the reverse. The normal hydrogen electrode is arbitrarily 
assumed to have a zero potential; consequently, the voltage of 
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any combination in which the standard is used is arbitrarily 
assumed to be due to the half-cell other than the standard. 

A list of the potentials for various half-cell reactions is given in 
Tables YII and VIII in the Appendix. In Table VII the reac- 
tions are arranged according to electrode potentials; in Table 
VIII the same reactions are organized under the key element 
involved, i.e., the element undergoing the valence change. 

A study of Table VII reveals a number of interesting and 
useful facts. In the first place, all the reactions listed are revers- 
ible; consequently, the oxidized form of any substance in the list 
theoretieally is capable of acting as an oxidizing agent , while the 
reduced form theoretically is capable of acting as a reducing agent . 

Thus one oxidized form of bromine is elementary bromine; in 
that form it may oxidize strong reducing agents such as S0 3 ~: 

S0 3 ~ + H 2 0 + Br 2 -> SO r + 2II+ + 2Br~ 

On the other hand, the reduced form of bromine is Br~~; in that 
form this element is capable of reducing strong oxidizing agents 
such as Cl 2 : 

2Bi- + Cl 2 -> Br 2 + 2C1” 

The second point to note is the fact that if each substance is 
considered in its reduced form, those at the top of the list in Table 
VII (i.e., with the most negative potential) have the greatest 
tendency to lose electrons. Conversely, in the oxidized form , 
those at the bottom {i.e., with the most positive or least negative 
potential) have the greatest tendency to accept electrons, i.c., to 
act as oxidizing agents. Consequently, the reduced form of any 
substance is theoretically capable of reducing the oxidized form 
of any substance below it in the table, while the oxidized form of 
any substance should be able to oxidize the reduced form of 
any substance above it. 

The third point is the fact that for any pair of substances whose 
relative positions indicate the possibility of their reacting, the 
greater the difference between their potentials the more nearly 
complete the reaction will be at equilibrium. 

These generalizations must be qualified, for it must be remem- 
bered that they say nothing about the rate of reaction. For 
example, the reaction between hydrogen and oxygen to form 
water consists of the two half-reactioas 
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2H 2 - 4e -> 4H+ 

0 2 + 4H+ + 4e -> 2H 2 0 

The large difference (1.23 volts) between the potentials for these 
two reactions indicates that the reaction should be very complete. 
On the other hand, these potentials are measured at 25°C., and 
it is well known that mixtures of these two gases can stand at 
25°C. for years without any appreciable reaction occurring. 
Consequently, although with equilibrium established the reaction 
should be very complete, it is quite impractical under the con- 
ditions given here. 

One must consider not only if the reaction will be rapid enough 
to be useful but also whether or not another possible reaction 
might occur instead of the one desired. To illustrate, consider 
the reduction of Sn + + ++ to Sn ++ , in the test for tin in Cation 
Group II. The reduction takes place in a strongly acid solution, 
and the reducing agents used are metals. Three of the metals 
that have been used in different suggested procedures are zinc, 
aluminum, and lead. Now it will be noted that the half-reactions 
of all three metals are above the reaction 

Sn++++ + 2e -> Sn++ 

Also, however, the half-reactions for all three metals are above 
the reaction 


2H+ + 2e -> H 2 

and the H + concentration in the solution is large. On still 
closer examination, the half-reactions for two of these metals, 
aluminum and zinc, are found to be well above the reaction 

Sn++ + 2e -> Sn° 

Obviously any of these three metals should be able to reduce 
g n ++++ to Sn ++ , and in practice it is found that they are capable 
of so doing. The reduccion with lead, however, is quite slow; 
consequently, the more active metals are frequently used. When 
aluminum or zinc is used, however, there will be a marked com- 
petition between the reaction of Sn _H ~ H ‘ and that of H + with the 
metal. This competition is so serious that it is possible, in 
solutions whose H + concentration is large and whose Sn ++++ con- 
centration is low, for a surprising amount of either aluminum or 
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zinc to react to produce hydrogen, with only insignificant quanti- 
ties of Sn ++++ being reduced to Sn ++ . On the other hand, if 
the H + concentration is low, the Sn ++++ is reduced — but the 
Sn ++ formed is reduced further to form metallic tin. It is 
obvious, therefore, that the rapid reduction of Sir Mff to Sn 4 + is 
by no means simple. As a matter of fact, frequently it is easier 
to perform the reduction with zinc or aluminum in a solution of 
low H + concentration and then dissolve any precipitated tin and 
excess metal by adding more hydrochloric acid. 

Equilibrium Constants. Although for combinations of half- 
reactions whose electrode potentials differ greatly the probability 
of reaction occurring can be determined at a glance, frequently 
the differences in potentials are so small as to make such informa- 
tion less apparent. As has been illustrated in previous chapters, 
however, if the equilibrium constant for the reaction could be 
determined, the probable completeness of reaction could be 
calculated. 

From the potentials listed in Table's VII and VIII equilibrium 
constants can be calculated for the reaction represented by any 
pair of these electrode reactions. Although it is unnecessary to 
show how the equation is developed, the difference between the 
potentials for two half-reactions, A E y is related to the equilibrium 
constant, K , by the equation 


A „ 0.059 . „ 

AE = - — - log K 
n 


in which n is the number of electrons indicated in the balancing of 
the complete equation as having been transferred . To illustrate 
how these terms are obtained and how K may be evaluated, con- 
sider the reaction 

Zn + 2Ag+ — > Zn ++ + 2Ag 

The half-reactions and the corresponding potentials as obtained 
from Table VIII and adjusted so the numbers of electrons arc 
equal, are 

Zn - 2e -> Zn++ E = -0.702 volt 

2Ag+ + 2* -> 2Ag E = 0.797 volt* 

* Note that though the equation for the reduction of Ag + is doubled 
throughout so that the number of electrons used will be the same as the 
number furnished by the zinc, the potential is not doubled. 
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Although the reaction written here for the reduction of Ag + 
is in exactly the same form as it appears in the table, that for the 
oxidation of the zinc is just the reverse of the one in the table. 
Consequently, although the equation must be left as it is so that 
the addition of the half-reactions can be used as a check, change 
the sign of the electrode potential for the zinc (the electron donor), 
then add the two potentials algebraically * Similarly add the 
two equations, canceling the electrons. 

Zn \% -* Zn++ . +0.762 

2Ag+ 2Ag +0.797 

Zn + 2Ag 4 Zn++ + 2Ag AE = +1.559 volts 


By comparing the chemical equation here with that at the 
beginning, it is possible to be sun' that the proper steps have 
been taken. Now the potential difference, A E, is 1.559 volts, 
while the number of electrons, n, exchanged during the reaction 
is two. Consequently the equation 


becomes 


AE = log IC 


, ... 0.059 . „ 

1.559 = £ log A 

log K = 52.84 
/. K = 10 52 8i = 9.2 X 10 62 


Now by applying the law of mass action to the equilibrium 

Zn + 2Ag+ Zn 4+ + 2Ag 

the following expression is obtained: 

[Zn ++ ][Ag] 2 _ 

[Zn][Ag + ] 2 

For reasons that are beyond the scope of this book the “con- 
centration” of any solid reactant may be considered unity. 


* Actually this change of signs followed by algebraic addition amounts 
to the same thing as if one followed the rule of subtracting algebraically the 
potential of the reductant or electron donor in the reaction from that of the 
oxidant i or electron acceptor , i.e., in this case, the potential of the zinc from 
that of the silver. 
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Then [Zn] and [Ag] are each equal to one and thus disappear from 
the equation, which becomes 


[Zn 4 +] 

[Ag 4 *] 2 


== IC = 9.2 X 10 62 


The reaction, therefore, should proceed until no significant 
quantity of silver ions remains. 

To illustrate further, suppose* that it is desired to determine the 
probable feasibility of 


Ag° + Cu++ -» Ag+ + Cu° 
The; half-reactions and potentials would be 


2Ag° - 2e -> 2Ag+ E = +0.797 volt 
Cu++ + 2e -> (hi 0 E = +0.344 volt 


In this case, the* equation for the silver is the one that does not, 
correspond in form to that given in the table. Consequently, 
the voltage, +0.797, must be changed to —0.797. Adding the 
whole, one obtains 

2Ag - 2e -> 2Ag" i -0.797 

Cu 4f + 2e -> ( hi +0.3 4 4 

2Ag + Cu +4 -> 2Ag> + (hi A E = -0.453 

From this, therefore, it can be calculated that 

log K = -15.35 

K = I0~ 15 - 3fi = 4.5 X i0~ 16 


From the expression for the equilibrium constant, 


[Ag 4 ] 2 
[Cu + *■] 


= K = 4.5 X 10- 16 


then, it is easily seen that silver will not displace copper to any 
significant extent. 

By considering these two examples it is clear that if the poten- 
tial difference, A E } is negative , the reaction will not proceed far 
spontaneously, the reaction being less complete the smaller the 
value.* 

Some Common Oxidizing Agents (Electron Acceptors). As 

can be seen from any good table of oxidizing-reducing potentials, 


* It must be remembered that, for example, —4 is smaller than —2. 
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many substances are capable, under the proper conditions, of 
acting as oxidizing agents. The nonmetals, e.g., chlorine, 
bromine, iodine, oxygen, and sulfur, are among the more usable 
elements having oxidizing properties. The oxidizing actions of 
these elements sometimes involve their reaction with H+, as illus- 
trated by the half-reaction for oxygen: 

0 2 + 4H+ + 4c -> 2H 2 0 

With the halogens, however, the reaction is a simple one in which 
the element takes on electrons: 

Cl 2 + 2c -> 201- 

The oxidizing agents most commonly used in qualitative and 
quantitative analysis are the compounds potassium perman- 
ganate, KM11O4; potassium chromate, K 2 CrD 4 ; nitric acid; 
sodium or hydrogen peroxide, and ammonium persulfate, 
(NH 4 ) 2 S 2 0 8 . In each of these compounds, with the possible 
exception of the peroxides, the anion is the real oxidizing agent. 
Owing to the importance of these reagents, a few useful facts 
concerning each should prove helpful. 

Permanganates undergo different reactions in acid solutions 
from those in neutral or alkaline solution. Thus in solutions of 
relatively high acidity the reaction for the reduction of perman- 
ganate ion is 


MnOr + 8H+ + 5c -» Mn++ + 2H 2 0 

while in neutral or alkaline solutions the reaction is 

Mn0 4 ~ -f- 4H + -f- 3c — > ]VIn0 2 -j- 2H 2 0 

From these equations it would seem that both reactions should be 
favored by a high concentration of II + . As a matter of fact, such 
is the case with the first reaction; the second reaction, however, 
is not apparent if the H + concentration is too great, for in highly 
acid solutions, Mn0 2 is readily reduced further: 

Mn0 2 + 4H+ + 2c -> Mn++ + 2H 2 0 


Chromates or dichromates are somewhat weaker oxidizing agents 
than are permanganates — in fact, Mn0 4 ” in acid solution is 
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capable of oxidizing Cr 4 * 4 * 4- to 0r 2 0 7 ”\ The half-reaction for 
Cr 2 0 7 ~ is 

Cr 2 0 7 - + 14H+ + C>€ -> 2Cr 4 ~ f+ + 7H 2 0 

Thus when BaCr() 4 is dissolved in hydrochloric acid (see Cation 
Group IV), the Cr0 4 ~ in the acid medium becomes Cr 2 0 7 ~ 

20r0 4 ~ + 2H+ -> Cr 2 Or + H 2 0* 
and the Cr 2 0 7 ~ reacts with the hydrochloric acid as follows: 

Cr 2 0 7 - + 14H 4 * + Oc -> 2Cr +++ + 7H 2 0 
flCl~ — Oe — » 3C1 2 

CW + 14H+ +^cF^'2Cr 4 ' 4 + + 7H 2 0 + 3C1 2 

The reactions of nitric acid vary greatly with the nature of 
both reactants. In general (1) with concentrated nitric acid and 
mild reducing agents, the N0 3 “ furnished by the nitric acid is 
reduced to N0 2 : 

NOr + 2H+ + e -> NO* + H 2 0 

(2) with mild reducing agents and less concentrated (1:1) nitric 
acid, a mixture of N0 2 and NO is produced; (3) with dilute nitric 
acid and moderately active reducing agents (or stronger reducing 
agents in very low concentration), the reduction product of NOg " 
is chiefly NO: 

NOg- + 4H+ + 3e -> NO + 2H 2 0 

With quite active metals (such as zinc, aluminum, or magne- 
sium) nitrate ion may be reduced to NH 3 . This is particularly 
true of the action of active amphoteric elements such as aluminum 
or zinc if the reaction is performed in an alkaline medium. 

When sodium 'peroxide is used, the reactions involved may be 
considered as those of hydrogen peroxide , the latter having been 
formed from the sodium peroxide by hydrolysis: 

Na 2 0 2 + 2H 2 0 -> 2Na+ + 20H“ + H 2 0 2 

Many of the reactions for which hydrogen peroxide is used as an 
oxidizing agent are performed in an alkaline solution. This may 
seem surprising in view of the* fact that H + appears as one of the 

* No oxidation or reduction is involved in this reaction. Its rMuro was 
explained on p. 87 (which see). 
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reactants in the half-cell reaction for the reduction of hydrogen 
peroxide, 

H 2 0 2 + 2H+ + 2e -> 2H a O 

It must be remembered, however, that the reducing agent may 
function best in an alkaline solution; and if such is the case, it 
will be a question as to which is influenced more by changes in the 
H + concentration. Thus the reaction 

Pb++ + 2H 2 0 - 2e -> Pb0 2 + 4H+ 

is favored strongly by a low concentration of H + . If the two half- 
reactions are added to get the complete reaction between Pb ++ 
and H 2 O 2 

Pb++ + 2H 2 0 - 2e -> Pb0 2 + 4H+ 

H 2 () 2 + 2H+ + 2e -> 2H 2 () 

Pb++ + 2H 2 d + H 2 O 2 + 211+ -> Pb0 2 + 4H+ + 2H 2 () 
the simplified equation, which is found to be 

Pb++ + H 2 0 2 -> Pb() 2 + 211- 

shows that the net effect of an increase in H + is to reverse the 
desired reaction. It is obvious, therefore, that both half -reactions 
must be considered before any definite conclusions can be reached 
as to the H + concentration most favorable to a given reaction. 

Among the strongest oxidizing agents used in the laboratory 
are the persulfates . These are used in the form of the solid 
potassium or ammonium salts, in the presence of Ag+ as a cata- 
lyst. An example of the use of persulfates is the oxidation of 
Mn ++ to Mn0 4 ~ by ammonium persulfate, (NH 4 ) 2 S 2 08, as a 
test for manganese. The reaction is carried out by adding solid 
ammonium persulfate to a nitric acid solution containing Ag + 
and any Mn 44 present. Written in molecular form, the equation 
is 

5(NH 4 )2S 2 08 + 2Mn(N0 3 ) 2 + 8H 2 0 10NH 4 HSO 4 

+ 2HMn0 4 + 4 HNO 3 

while ionic equations are 

5S 2 o 8 - + i 0 c -> roso 4 - 

2Mn _H * + 8H 2 0 + lOe 2Mn0 4 ~ + 16H+ 

5S 2 0 8 - + 2Mn++ + 8H 2 0 -4 IOSO 4 - + 2Mn0 4 - + 16H+ 
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It is apparent from its half-reaction equation tint the oxidizing 
potential of S 20 8 “ is independent of the H + concentration, 
though this particular composite reaction should be repressed by 
high H + concentration. 

Some Common Reducing Agents (Electron Donors). An 

inspection of the tables of oxidation-reduction potentials reveals 
the fact that the metals are reducing agents, or electron donors, 
the most powerful chemical reducing agents being the active 
metals. Thus sodium readily loses an electron to any receptive 
substance by the reaction 

Na — € — > Na+ 


while zinc loses two electrons 

Zn — 2e — » Zn++ 

and iron may lose two electrons or, less readily, three electrons: 

Fe - 2e -> Fe~ H 
Fe - 3e -> Fe+++* 

In aqueous solutions, the very active metals are seldom used 
to reduce anything other than H + owing to the rapid rate at which 
they displace hydrogen from the water. In other words, the 
reduction of H + is so rapid that other dissolved substances are 
seldom reduced effectively. To some extent the same thing is 
true of any metal* that is above hydrogen, e.g., zinc, if the H + 
concentration of the solution is great (c/. page 174). Neverthe- 
less, much use is made of metals as reducing agents, their use 

* It will lie noticed that the reactions for the reducing agents are written 
here m a form different from that used in Tables VII and VIII. Thus in the 
tables the half-cell reaction for sodium is written 

Na + + « -» Na 

showing sodium ion (i.e., the oxidized form of sodium) acting as an oxidizing 
agent. In this section, however, the emphasis is placed upon the reducing 
action of the reduced form — in this case metallic sodium. This corresponds 
to the form in which the equation is written when it is used to balance 
oxidation-reduction equations by the ion-electron method. These half- 
reaction equations can be changed to the form found in the tables by a 
simple rearrangement of terms (as in algebra) : 

Na — e — * Na + 

... N a + + € Na 
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merely requiring a careful choice of metals and equally careful 
control of conditions under which the reduction is to be performed. 

A number of substances other than metals, however, are 
capable of reacting as reducing agents. Of these, stannous 
chloride and the iodides, sulfites, and sulfides are especially 
important to analytical work. 

Stannous chloride is one of the more powerful reducing agents, 
owing to the readiness with which Sn ++ is oxidized to Sn ++++ . 
Even oxygen at room temperature is capable of accomplishing 
this oxidation, as is also Ye +++ , Hg ++ , and a number of other 
very mild oxidizing agents. Thus in testing for mercury and for 
tin, use is made of the reduction of mercuric chloride to mer- 
curous chloride or metallic mercury, by SnCl 2 . 

Iodides in acid solutions are also excellent reducing agents. 
Even nitrites arc reduced by iodides, as are also arsenates in 
acid solutions. The reaction with nitrite is frequently used in 
testing for iodides, iodine being produced and the free iodine 
being detected by means of starch or CCl 4 . The equations con- 
cerned in the reaction between 1“ and N() 2 “ are 

21- - 2e -> I 2 

2N0 2 “ + 4H+ + 2 e -> 2 NO + 2H 2 0 
21- + 2NC) 2 - + 4H+ -> I 2 + 2NO + 2H a O 

The reduction of As0 4 ~ is used in Cation Group II and in Anion 
Group III to obtain As0 3 = * from which the arsenic may be more 
readily precipitated by hydrogen sulfide. The reactions involved 
in the reduction are 

21- - 2e I 2 

As0 4 “ + 2 H+ + 2 e -> AsOs " 2 + H 2 0 
21- + As0 4 s + 2H+ — > I 2 + As0 3 ^ + H 2 0 

Sulfites are also moderately good reducing agents, the SO 3 ” 
being oxidized to S0 4 ~\ The use of sulfites as reducing agents 
in qualitative analysis is illustrated by the reduction of C10 3 ~ to 
Cl - in testing for chlorates in Anion Group IV. The equations 
for the reactions involved in the reduction are 

3S0 8 “ + 3H 2 0 - 6 € -» 3SOr + 6 H+ 

CIO 3 - -h 6H+ + 6e -> Cl” + 3H 2 0 
3S0 8 - + 3H 2 0 + CIOs" + 6H+ -> 3S0 4 ~ + 6H+ 


+ Cl- + 3H 2 0 
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or, canceling H + and H 2 0, 

3So 3 ” + ao 3 - -> 3SOr + ci- 

The reducing action of hydrogen sulfide and of S" has been 
mentioned repeatedly in the past, but the importance of the 
sulfides warrants a review of some of their characteristic reactions. 
It will be recalled that with mild oxidizing agents, such as air, 
hydrogen sulfide is oxidized to form water ami free sulfur. 
As a reducing agent H 2 S is so powerful as to be able to reduce 
acid solutions of S0 3 ~ which itself is a moderately good reducing 
agent:* 

2H 2 S - 4e — » 2S + 4H+ 

SO 3” + 6H+_+ 4e -> S_+ 3H 2 0 
2H 2 S + SO,- + 6H+-*3S + 4H+ + 3H 2 () 

or canceling H + as far as possible, 

2H 2 S + S() 3 ~ + 2H+ -> 3S + 3H 2 () 

In a similar way it is capable of reducing free iodine to form I ; 

H 2 S - 2e -> S + 2H+ 

I 2 + 2e -> 21- 

H 2 S + la 8 + 2H+ + 21- 

SUMMARY 

Oxidation-reduction reactions are reactions in which valence 
changes are involved. The loss of electrons is oxidation , whereas 
any gain in electrons is reduction. Oxidizing agents or electron 
acceptors are often called oxidants; reducing agents or electron 
donors are called reductants. 

In addition to more complex types, oxidation-reduction reac- 
tions include combination , decomposition , and displacement 
reactions. Any oxidation-reduction reaction may be written as 
the combination of two half-reactions, one representing the reduc- 
tion and the other the oxidation. By putting these half-reaction 

* The ability of SC> 3 “ to act both as a reducing agent and as an oxidizing 
agent is due to the fact that the sulfur in the SO?" is capable of existing in 
both higher and lower valence states Any ion involving an atom that may 
have both higher and lower valences potentially is capable of undergoing 
either oxidation or reduction. 
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mixtures in separate containers, inserting electrodes, and con- 
necting the resulting half-cells properly, cells are formed from 
which electricity may be obtained from oxidation-reduction 
reactions. 

The ion-electron and valence-electron methods of balancing 
oxidation-reduction equations are based upon the fact that the 
electrons used in the reaction must all come from the reducing 
agent and must all be used by the oxidizing agent. 

When cells are assembled in which different half-cells are com- 
bined with a normal hydrogen electrode, different voltages are 
obtained. Molar jxidati on-reduct ion potentials may be obtained 
in this way for various half-reactions. Tables of these potentials 
may be used to predict the probability of occurrence of a given 
reaction. The reactions for which these potentials are known are 
reversible; consequently, the oxidized form of any substance is 
theoretically capable of acting as an oxidizing agent, while the 
reduced form may act as a reducing agent. In the table of 
oxidation-reduction potentials, the most powerful reducing agents 
are at the top; but the reducing abilities decrease the farther down 
in the table the substance is found. The oxidizing agents, on 
the other hand, vary in exactly the opposite way. 

If the relative positions of two substances show that they should 
be able to react with each other, the greater the difference between 
their potentials the more complete would be the reaction between 
them. This fact is expressed mathematically by the equation 


A E 


0.059 

n 


log K 


in which A E is the difference in potential found by subtracting 
algebraically the potential of the reducing agent in the reaction 
from that of the oxidizing agent, n is the number of electrons 
transferred in the reaction, and K is the equilibrium constant for 
the reaction. If log K is large numerically but is negative in sign, 
the reaction will not occur to a significant extent. 

A positive value for log K indicates that a reaction may occur. 
In practice, however, the reaction may prove unfeasible owing 
to (1) a too small reaction rate or (2) other possible reactions 
having much greater reaction rates. 

A number of oxidizing agents are available for use by the 
chemist. Among these the active nonmetals and the perman- 
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ganates, chromates or dichromates, peroxides, nitrates, and per- 
sulfates are especially important. 

Among the reducing agents are found many metals that are 
usable as reagents. Other reducing agents of importance are 
stannous chloride and the iodides, sulfites, and sulfides. 

Review Questions 

1. Define: (a) oxidation, ( b ) reduction, (r) oxidizing agent, (d) reductant, 
(e) half-cell, (/) cell, (g) molar potential, (/i) hydrogen electrode 

2 . What distinguishes oxidation-reduction reactions from other reactions? 

3. List and illustrate with equations four types of oxidation-reduction 
reactions. 

4 . What information may be obtained from a table of oxidation-reduc- 
tion potentials? Why cannot certain parts of this information always be 
trusted when it is desired to apply it to a particular reaction? 

5. Discuss the use of the following as oxidizing agents, giving equations 
and describing the conditions which should be most favorable for reaction: 

(a) Chromates. ( b ) Permanganates. 

{c) Chlorine. (d) Nitnc acid. 

6. The equation for the electrode reaction of hydrogen peroxide shows that 
its oxidizing action should be favored by a high H + concentration. Discuss 
and illustrate by equations why this is not true in the reaction of JI 2 0 2 with 
Cr0 2 ~ to form Cr0 4 “. 

7. Discuss the use of the following reducing agents, illustrating the use of 
each by means of equations: 

(a) Iodides. (6) Sulfites. (r) Zinc. 

(d) Sulfides. (e) Stannous "blonde. 

8. Write the equations for the half-reactions involved in each of the follow- 
ing reactions From the relative positions of these half-reactions in the 
table of oxidation-reduction potentials state, with reasons, whether or not 
these reactions should take place appreciably. 

(а) II 2 SO, 4- 4H + + 41- S + 3H 2 0 4* 2I 2 

(б) N0 2 ~ + H 2 0 2 -> NO3- 4- H 2 0 

(c) 3S 2 (V 4- 2Cr +++ 4- 7H 2 0 -> fiS0 4 ~ 4- Cr,Or 4- 14H+ 

(d) 5Br 2 4- 2Mn ++ 4* 8H 2 0 -> 10Br~ 4- 16H* + 2MnOr 

9. Balance each of the following equations, using the ion-electron method: 

(а) KMn0 4 4- H 2 S0 3 — KHS0 4 4- MnS0 4 4- H 2 S0 4 4- H 2 0 

(б) K 2 Cr 2 0 7 4- H 2 S 4- H 2 S0 4 -> KHS0 4 4- Cr 2 fS0 4 ) 3 4- 8 4- H 2 0 

(c) (NH 4 ) 2 S 2 0 8 -f H 2 0 — NH4HSO4 4- H 2 0 2 

(d) H 2 0 2 4- KMn0 4 4* H 2 S0 4 -> KHS0 4 4- MnS0 4 4- H 2 0 4* 0 2 

(e) C10 3 ~ 4- 1" 4* H+ -> Cl" + I, 4- H 2 0 
(/) IOs- + H 2 SO a - SOr 4- 1~ 4- H 2 0 

(g) 10 r + 1“ 4- H + -> H 2 0 4- 1 2 
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Problems 

1. From the values listed in Table VIII, calculate the voltages of cells 
made of molar half-cells representing the reactions 

(a) Zn + Cu ++ -> Zn-n- + Cu 

(&) I- + CU -> h 4- Ci- 

te) I- -f 0 2 + H+ I 2 + H 2 0 

(d) Ni + Sn ++++ -> Ni ++ + Sn ++ 

(e) Fe +++ + Br" -> Fe ++ + Br 2 

2 . Calculate the equilibrium constants for the reactions in Problem 1. 
From these constants state whether or not the reaction will take place 
appreciably. 

3. Answer Problem 2 for the equilibriums in Question 8. 
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Analytical Procedure 

SEMIMICRO TECHNIQUE 

As a result of attempts to solve the many problems of science, 
a number of highly important branches of analytical chemistry 
have slowly developed. Although the chemical principles 
involved are much the same for all these branches, the apparatus 
and techniques used are often highly specialized. 

In qualitative analysis there are now three main techniques, i.e., 
the macro, the semimicro, and the microscopic. These methods 
differ from one another both in the quantities of materials used, 
including sample size, and in the apparatus and techniques 
employed. In macro analysis the unknown may consist of 
0.5 to 1.0 g. of solid or 50 to 100 ml. of solution, and the apparatus 
and techniques are similar in most respects to those used in 
ordinary general chemistry. In microscopic analysis, a single 
drop of solution, a tiny fiber, or a bit of solid the size of a pinhead 
is often sufficient. In this case, however, many of the operations 
are performed under microscopes equipped with many special 
attachments, the use of which often makes this analysis even 
more precise than when performed on a macro scale. 

The semimicro technique employs samples consisting of about 
1 ml. of solution, or from 10 to 100 mg. of solid. No definite 
lines can be drawn among the sample sizes belonging to each 
classification, but in most cases the semimicro sample more 
nearly approaches the microscopic than it does the macro. 

Some of the techniques employed in semi micro analysis will be 
described in the following paragraphs; others will be discussed 
at appropriate times during the description of the laboratory 
work that is to be done. In every case, however, the student will 
find that frequent reference to these discussions will be of great 
assistance in improving technique. 

187 
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Filtrations. In semimicro work the usual filter-paper-funnei 
method of filtration is seldom used. Many precipitates, espe 
dally the hydroxides of the heavy metals, clog the pores of thc- 
filtcr paper and make the process of filtration slow and tedious. 
Often, too, the precipitate must be separated from highly alkaline 
or strongly acid solutions, which attack and weaken the filter 
paper. For these reasons, a number of other techniques are used 
instead. 

Centrifugation is the most rapid and convenient method of 
separating solids from liquids. The mixture is placed in a small 
test tube or a centrifuge tube, and the tube is placed in one of the 
cups of a centrifuge. Another tube the size of the first, contain- 
ing a volume of water equal to the volume of liquid and solid 
in the first tube, is placed in the centrifuge cup across the head 
from the first tube. With the two tubes so placed, the head will 
be balanced and vibration in the centrifuge will be reduced to a 
minimum. The operation of the centrifuge will depend upon the 
type used. If the centrifuge is electrical, it is usually sufficient to 
turn the switch, allow the centrifuge to attain full speed, let it 
operate for 10 to 30 sec., and then turn it off. Hand centrifuges 
are operated by means of a handle that must be turned smoothly 
and rapidly until the precipitate is packed firmly in the bottom 
of the test tube or centrifuge tube. A little practice enables one 
to judge the speed and duration of the process. Above all, how- 
ever, it is important to avoid sudden strains or vibrations as these 
are highly damaging to the apparatus and often result in stirring 
up the mixture that is supposedly being separated. 

When the precipitate is firmly packed in the bottom of the 
tube, the liquid (often called the centrifugate *) may be withdrawn 
by means of a medicine dropper. Care must be used during this 
operation, however, to avoid stirring up the precipitate. In 
difficult cases, it is often advisable to insert a tight twist of cotton 
into the tip of the dropper, using scissors to cut the protruding 
tuft of cotton about 3 mm. below the glass tip (see Fig. 16). 

For most purposes, 75- or 100-mm. test tubes may be used in 
the centrifuge. When only minute quantities of solid are present, 
however, the precipitate is much more clearly visible and the 
separation is easier if a centrifuge tube is used (Fig. 17). 

* In the laboratory instructions it will be the practice to call this liquid 
the filtrate , regardless of the method used for the separation. 
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Mixtures obtained by performing drop reactions on slides or 
watch glasses may be filtered by either of two microscopic tech- 



Fia 16 — Separating filtrate 
and precipitate after centu- 
fuging. 


,.Precip/fak 



Fig 17. — The visibility 
of precipitates in eentnfuge 
tubes and test tubes. 



niques of filtration. The first of these consists simply of touching 
the edge of the liquid portion with the edge of a piece of filter 
paper and allowing the liquid to soak into the paper. The second 
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is similar to the first except that a much smaller piece of filter 
paper is used (about 8 or 10 mm. square), the paper being laid 
flat on the slide and pushed so that its edge is in contact with the 
liquid. A bit of glass tubing with one end ground flat and with 
its other end connected to a 30-cm. piece of rubber tubing is 
pressed with its ground end flat against the filter paper (see Fig. 
18). By applying suction with the mouth it is possible to draw 
the liquid through the filter paper and into the glass tube. This 
enables the operator to save the filtrate for other tests. 


Bu/b used 


for pressure 
\ / 


iRtr 



Pressure 
w filter tube 


Bulb used 
fbrsuct/on 


Glass 
tubing 
(6mm 00) 


■Cotton 


(a) 


6 


W 

(b) 


6 


Cotton 
in flared L 
tube 



(c) 


Fig. 19. — Suction-pressurc-bulb and filter-stick techniques. 


suction 


For mixtures of 0.5- to 1-ml. volume the centrifuge is usually 
to be preferred in separating solids and liquids. For special 
cases or when centrifuges are not available, however, the suction- 
pressure-bulb method suggested by H. H. Barber* is very con- 
venient. Essentially the technique is based upon the use of a 
2-oz. rubber ear syringe to create either pressure (Fig. 19a) or 
suction (Fig. 195). The filter tube or funnel is packed tightly 


* A complete description of this apparatus is given in the article “New 
Apparatus for Qualitative Sennmicroanalysis,” by H. H. Barber, Ind. 
Eng . Chem ., Anal . Ed., 12 (1), 58 (1940). 

The sidearm test tube and bulb can be purchased from the Wilkens- 
Anderson Company, Chicago, 111. Also these pieces, as well as the pressure- 
filter tube, can be purchased from the Geo. T. Walker Co., Minneapolis, 
Minn. 

Similar filtration methods have been described by Cornog and Krause, 
in the article “Apparatus for Semimicro Filtration,” J. Chem. Educ ., 19 
( 5 ) 217 ( 1942 ). 
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with either cotton or fine glass wool (Corning, No. 008 has been 
especially recommended) as filter medium. These techniques are 
especially to be recommended where it is necessary to separate 
precipitates of low density that are not readily removed by 
centrifuging. 

In Fig. 19c another method of filtration is illustrated. This is 
an adaptation of the micro filter-stick technique. Cotton or 
glass-wool packing is used as the filtering medium in this appara- 
tus. Suction may be applied either by a rubber bulb or by a 
water suction pump. 

Transferring Precipitates. Quite often all or part of a pre- 
cipitate must be transferred from one vessel to another. In 
some cases it may be done with a spatula. Where this proves 
difficult, however, a liquid (the wash liquid or the next reagent to 
be used) may be added, the mixture stirred vigorously, and then 
a medicine dropper used to transfer the resulting suspension. In 
general, it is best to use the wash liquid for this purpose. After 
the transfer is made, the liquid can be removed by filtering, use 
being made of one of the methods described earlier. 

Washing Precipitates. During an analysis it is essential that 
each precipitate be washed clean of filtrate; otherwise, some of the 
material in the filtrate that wets the precipitate may cause 
trouble in the analysis. For example, suppose that one is testing 
a general unknown for lead in Cation Group I. The test for lead 
in this group is trustworthy only if the cations of the later groups 
are absent from the Group I precipitate. If the precipitate is 
not washed, however, a little of every metal present in the unknown 
is going to be in the solution wetting the precipitate; consequently, 
the results of the analysis will be undependable. 

It is best to wash the precipitate at least twice and to combine 
the first portion of wash liquid with the filtrate. This procedure 
not only will reduce the danger of contamination but will also 
reduce the loss of material during the analysis. 

The best procedure' for washing precipitates is to add 5 or 10 
drops of the prescribed wash liquid, stir thoroughly , then filter. 

Evaporations. Quite often it is necessary to evaporate a solu- 
tion either to dryness or until only a small volume of liquid is left. 
Such evaporations should always be done in a crucible unless 
otherwise specified. Test tubes or flasks restrict the escape of 
vapor, and the boiling of liquids in test tubes quite often results 
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in loss of liquid due to a bubble of vapor lifting the liquid and 
throwing it out of the narrow tube. 

The best way to evaporate any liquid is to put it in a crucible 
and heat it with a micro flame, either directly (slowly and with 




great care) or in an air bath (see Fig. 20) until most of the liquid is 
gone. Finally, when only a few drops of liquid remain, place the 
crucible on a steam bath (see Fig. 21) to evaporate the remaining 
liquid. This treatment has the advantage of avoiding the baking 




HANDLING OF REAGENTS 


193 


of the residue and preventing the loss of any compound that might 
otherwise be lost due to its being unusually volatile (r.gr., mercury 
and arsenic in Cation Group II). 

Drop and Spot Tests. Although most of the separations in 
semimicro analysis involve the use of 0.5 ml. or more of liquid, 
most of the final identification tests are performed on single 
drops of solution, the expected results being changes in color or 
the formation of precipitates of various colors. Quite often 
these reactions are performed on microscope slides, spot plates, 
or watch glasses. It should be obvious that if one is looking for 
a white or other light-colored precipitate, it would be more easily 
seen if one used a black background, whereas a dark precipitate 
would be more easily seen against a white background. Careful 
choice of background should be made, therefore, for each test to 
be performed. If the results to be expected are not known, a 
transparent glass container should be used for the reaction mix- 
ture and the products viewed against first one then the other 
color of background. 

Many reactions that result in colored precipitates are per- 
formed on so-called drop-reaction or spot-test paper. This is a 
very soft grade of pure, highly porous paper (soft, highly pure 
grades of filter paper may be used). The precipitate's cannot 
penetrate into the paper or spread very far, owing to the filtering 
action of the pores of the paper; consequently, this technique 
is often used in highly sensitive identification tests, the white 
paper serving excellently as a background for dark or deeply 
colored precipitates. 

Handling of Reagents. In the handling of reagents, especially 
from containers that are used by other members of the class, 
each student bears the serious responsibility of keeping those reagents 
pure. A trace of impurity in a reagent or test-solution bottle 
may mean any number of errors in the reports of unknowns. 
For example, a little iron accidentally introduced into the hydro- 
chloric acid bottle means that every person using that bottle 
while running a Cation Group III unknown may get at least a 
weak test for iron! The person who introduced the contamina- 
tion may be among those who suffer; for contaminations are 
seldom recognized as such; and even when they are recognized, 
it is frequently difficult to find out which reagent is causing the 
trouble. 
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A few simple rules, if strictly followed, will reduce chances of 
reagent contamination to a minimum. 

1. In obtaining reagents from bottles equipped with droppers, 
never touch the dropper tip to anything outside the reagent bot- 
tle. Never rest it against the inside of the container into which 
the reagent is being dropped; always hold the dropper just above 
the mouth of the vessel and allow the reagent to fall into the ves- 
sel. If by accident the dropper is touched to anything, take it 
and the reagent bottle to the instructor at once so that he can tell 
you how to clean the dropper properly. 

2. Do not trust the cleanness of your own apparatus so far as 
reagents are concerned. Never dip your own medicine dropper 
into a reagent bottle; and if you pour some reagent into one of 
your containers, never return the reagent to the bottle. It is 
much better to waste a little material than to take chances of 
contaminating the rest of the supply. 

3. Certain liquids, especially concentrated acids, are kept in 
ordinary bottles without dropper tops. To obtain such reagents, 
pour a little of the reagent into one of your own test tubes, then 
withdraw the reagent, as needed, from the test tube. Again 
remember never to dip your medicine dropper into the reagent 
bottle , and never return any reagent to the bottle. 

4. Solid reagents should be poured from the reagent bottle on 
to a dry watch glass and added to the reaction mixture by means 
of a dry, clean spatula. Again no reagent should be returned to 
the bottle. Try to estimate your needs and then pour out only 
the amount needed. Never dip your own spatula into the rea- 
gent vial. 

As a rule, solid reagents should not be placed on paper. In 
some cases, no harm would result; however, certain reagents 
( e.g ., Na 2 C> 2 ) can act on the paper, and the use of a watch glass is, 
in general, much better technique. 

Precipitation with Hydrogen Sulfide. One of the most impor- 
tant reagents used in qualitative analysis is hydrogen sulfide, 
H 2 S. The source of this gas differs in different laboratories; 
sometimes it is supplied from a central generator or tank of the 
gas, sometimes from conveniently located Kipp generators using 
ferrous sulfide and dilute sulfuric acid, or perhaps from individual 
generators of low capacity. 
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The techniques employed in saturating solutions with hydrogen 
sulfide vary according to the method used to supply the gas. 
In those laboratories where the hydrogen sulfide is supplied under 
a very low pressure — such as from a Kipp-type generator or from 
a gasometer — precipitations are best done with the solution to 
be saturated in a 25-ml. flask. To do this, equip the flask with 
a one-hole rubber stopper through which is inserted a glass 
delivery tube reaching almost to the bottom of the fhisk (see 
Fig. 22). Connect the outer end of the delivery tube to a 50-cm. 
length of rubber tubing, the other end of which is connected to the 
low-pressure source of hydrogen sulfide. With the solution in 

To low pressure source 
of hydrogen su/f/de 



Fig 22.- Low-pressure saturation with hydrogen sulfide. 

the flask and with the rubber stopper loosened, turn on a slow 
stream of the hydrogen sulfide for a few seconds, letting the 
gas sweep most of the air from the flask; then force the stopper 
firmly into place, and adjust the glass tube so it dips below the 
surface of the liquid. Shake the flask frequently to bring about 
intimate contact between the liquid and gas. When no more 
hydrogen sulfide bubbles issue from the end of the glass tube, 
saturation may be considered complete. The method described 
has the advantage that (1) little or no hydrogen sulfide gets out 
into the room and (2) the absorption of hydrogen sulfide under 
pressure is more rapid than is usually obtained by bubbling a 
stream of the gas through a solution. 

At Oklahoma Agricultural and Mechanical College, use is made 
of individual generators employing a commercial mixture known 
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as “ Aitchtuess.” This mixture, which consists essentially of an 
intimate mixture of a solid hydrocarbon, sulfur, and asbestos,* 
yields hydrogen sulfide on being heated. The formation of the 
gas ceases when heating of the mixture is discontinued. The 
generator (see Fig. 23) consists of a 150-mm. thin- wall Pyrex test 
tube fitted with a one-hole rubber stopper and a delivery tube. 
In the delivery tube is a bulb filled loosely with cotton and also 


/SO mm. Pyrex thin-wall 



a short bit of glass tubing in the side of which a small hole is 
blown. Capillary delivery tubes with tips of about 1-mm. bore 
are used with this generator, the gas being merely bubbled 
through the solution in a test tube. To operate the generator, a 
vial of “ Aitchtuess” is placed in the test-tube generator and the 
apparatus is assembled. Gentle heat is applied to the generator, 
the rate of gas evolution being controlled by the temperature at 
which the mixture is maintained. With the glass delivery tube 


* A mixture of 1 part of paraffin and 3 parts of sulfur by weight with 
enough medium-grade asbestos to make the mass porous may be used 
instead of the commercial mixture. It is not so good, however, for the gas 
from the crude mixture carries over much sulfur. 
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dipping into the liquid and with the finger tip pressed firmly over 
the side hole of the delivery tube, a stream of fine bubbles will 
pass into and through the solution. When heating of the genera- 
tor is discontinued, the finger tip must be removed from the side 
vent; otherwise as the apparatus cools, the liquid will be forced 
by atmospheric pressure into the generator. 

The capillary delivery tubes may be made as illustrated in 
Fig. 24. The advantage of these delivery tubes over those of 
larger diameter lies in the fact that the tiny bubbles from the 
capillary tip dissolve rapidly, this action not only saving time 



r -I mm 


When the glass is soft, remove from the flame. 
then pull to desired diameter 
Cui , 

- t 2 orl '-*j < 3i > <- 3 i ^-/ 2 orl 


Let cool, then cut to indicated dimensions 

Fio. 24 - -Steps in making capillary delivery tubes 


but also diminishing the amount of hydrogen sulfide likely to 
escape into the room. The capillaries should not be much smaller 
than 1 mm. in diameter, however, as smaller ones clog too 
readily. 

Capillary delivery tubes are best cleaned by immersing the 
capillary portion of the tube in an appropriate solvent in a test 
tube. For example, if the delivery tube was used in precipitating 
PbS, immerse it in dilute HNO3; if used for HgS, immerse it in 
fresh aqua regia; etc. 

Some Helpful Suggestions. While the experiments outlined 
in the laboratory section are being performed, a number of things 
must be kept in mind at all times. Serious consideration of these 
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points definitely will make the difference between good and poor 
work. As it is impractical to learn everything at once, this sec- 
tion should be reread at intervals until the habit of using these 
suggestions has been thoroughly fixed. 

1. When you are performing the different experiments, do so 
thoughtfully, and intelligently. Never dismiss the experiment 
with the thought that it is to be done merely because “ the teacher 
assigned it to be done.” Every experiment and every part of an 
experiment has a reason behind it. Sometimes the purpose is to 
enable you to understand the fundamental reactions used in 
separating and identifying the different ions; sometimes it is to 
illustrate certain difficulties that may arise during the analysis; 
and in some cases, the purpose is to broaden your knowledge of 
the properties of the ions studied and of the laws governing 
reactions in solution. No experiments are given without good 
reason; and the thoughts that should be uppermost at all times 
are why does this happen? and of what importance to me is this 
particular experiment, i.e., how will I be able to use it? If any 
other attitude is prevalent, most of the point of the course is lost! 

2. The instructions given for performing the different experi- 
ments are, in most cases, only suggestive . When the suggestion 
is made to use 10 drops of aqua regia to dissolve the Cation Group 
III precipitate, look at the quantity of precipitate you have 
to dissolve. Maybe you need only 5 drops of the reagent — 
or maybe you need 20 drops! No set rule can be given, for 
unknowns vary widely in the relative amount of different 
ions present. For example, an alloy may be 85 per cent 
copper, 10 per cent zinc, and 5 per cent tin. This would mean 
that no precipitate would be obtained for Cation Groups I, 
IV, or V, that the amount of precipitate for Cation Group II 
would be very large, and that the amount of the precipitate for 
Cation Group III would be much smaller than that for Cation 
Group II. Obviously, more than the suggested quantity of each 
reagent would be required in separations within Cation Group 
II, and much less would be needed in Cation Group III. The 
one rule that must be kept in mind is the fact that if you under- 
stand the function of each reagent, you will be able to modify 
the instructions intelligently to fit your own particular problems. 

3. Be sure to use an adequate amount of reagent to accomplish 
the desired result. In dissolving a precipitate, for example, the 
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instructions may suggest 10 drops of a certain reagent. If this 
procedure is followed, it is often found that a large part of the 
precipitate dissolves but some remains. In such cases, filter, 
saving the filtrate; then add more of the same reagent to the 
precipitate to see if it will not dissolve more.* This should be 
repeated until no significant additional results are obtained. 

In precipitating substances from solutions, a similar rule should 
be followed. All precipitations must be complete*— -in other 
words, care must be taken to add enough reagent to react with all 
the ions that are to be precipitated at that point. Failure to do 
this means that the analysis of subsequent gioups will be ruined 
owing to the presence of the ions that have not been precipitated 
because of insufficient reagent. On the other hand, a large excess 
of reagent must be avoided, too, as in many cases such an excess 
will either redissolve or peptize (see Cluip. IX) all or part of the 
precipitate, with the result that the cations that should have been 
precipitated appear in the next group. To avoid adding either 
excess or insufficient reagent, it is desirable to use the following 
procedure : 

Add a couple of drops of reagent, and stir the mixture thor- 
oughly. If a precipitate forms, centrifuge; and then to the clear 
supernatant liquid add one more drop of reagent, and stir once 
more. Centrifuge, and repeat the foregoing procedure until on 
addition of a drop of reagent, no more precipitate forms in the 
clear layer of liquid. This marks the point when exactly enough 
reagent has boon added. 

If on addition of the first two drops of reagent no precipitate 
forms at once, it is well to rub the inside of the container with a 
stirring rod for about l min. and let the solution stand for a few 
minutes, as it may be supersaturated. 

4. Clean all apparatus thoroughly before using it. The best 
procedure is to rinse all possible material from the apparatus, 

* Suppose that you had 1 g of ordinary table salt, sodium chloride, and 
the instructions said to treat this with 1 ml. of water to dissolve it. In 
spite of the fact that we consider sodium chloride as being fairly soluble 
m water, only about one-third of the solid would dissolve in this quantity of 
water. If sodium chloride were a less familiar substance, we would be led to 
the conclusion that not all of it would dissolve in water. If however, we 
repeated the treatment with water two more times, the whole would dis- 
solve. By combining the liquid portions used, then, we would have all 
the sodium chloride in one solution. 
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using tap water for the purpose ; then with a test-tube brush and 
a solution of Dreft or Vel, thoroughly wash the apparatus. 
Finally rinse each piece carefully with a stream of distilled water 
from a wash bottle (see Fig. 25).* In a few cases, especially 
with small apparatus, a pipe cleaner 
will be found a useful substitute for a 
test-tube brush. Occasionally acids 
may be needed to dissolve out pre- 
cipitates that are not easily dislodged. 
In such cases, use a solvent that your 
experience has taught you will attack 
the particular type of precipitate in- 
volved; in case of doubt, consult your 
instructor and remember what he tells 
you so that you can use that knowledge 
later. 

5. Avoid contaminations from cruci- 
ble tongs and other metallic objects; 
always grip objects in such a way as to 
keep .the tongs outside the container. 
A little copper from a brass instrument 
may give just as good a test for this 
metal as would be obtained if that metal 
were issued in the unknown. Also, 
never lay medicine droppers, stirring rods, or similar apparatus 
on your desk top. The desk may look clean, but it rarely is ! 

6. Keep detailed notes of everything that you do, with an 
explanation of each result obtained. This should be done both 
with the preliminary experiments and with the analysis of any 
unknowns. Not only does the keeping of notes force you to 
think of the important things as you proceed, but the notes them- 
selves are excellent for later review. Quite often, too, if a 
mistake is made in the analysis of an unknown, your instructor 
will be able to point out in your notes a bit of information that 
tells you why you went astray and how you might have been 
forewarned. 

* Tap water must not be used for the final rinse water, since many of the 
reagents used in qualitative analysis are capable of detecting the impurities 
present in even the small quantity of tap water left wetting the apparatus. 




CATION ANALYSIS 

CATION GROUP SEPARATIONS 

The analysis of a mixture containing all known cations is an 
exceedingly involved and tedious process; fortunately, hovever, 
only a few of the possible cations appear with sufficient frequency 
to warrant their consideration for most ordinary purposes. For 
this reason, the cations covered in this course will be restricted 
to those of silver, lead, mercury, copper, bismuth, cadmium, 
arsenic, tin, antimony, iron, manganese, cobalt, nickel, zinc, 
aluminum, chromium, barium, calcium, strontium, mag- 
nesium, sodium, potassium, and ammonium. 

For analytical purposes, the cations are divided into five 
groups. 

Group I consists of those cations whose chlorides may be pre- 
cipitated from water solutions by the addition of soluble chlorides 
such as dilute HC1 or NH 4 CI. Lead, silver, and mercurous 
mercury are the common members of this group. 

Group II consists of those cations whose chlorides are soluble 
but whose sulfides can be precipitated from a 0.37V HOI solution 
by saturating the solution with II 2 S. The cations falling in this 
group are mercuric mercury, lead,* bismuth, cupric copper, 
cadmium, arsenic, antimony, and tin. 

Group III is comprised of those cations whose chlorides are 
soluble in water and whose sulfides are soluble in 0.37V HOI but 
whose sulfides or hydroxides will precipitate when ammonium 
sulfide (or H 2 S and NH4OH) is added to a highly buffered solu- 
tionf containing these cations. The metals in this group are 
iron, manganese, cobalt, nickel, aluminum, zinc, and chromium. 
Of these, the aluminum and chromium precipitate as the hydrox- 
ides, while the others form sulfides. 

Group IV consists of those cations whose chlorides and sulfides 
are soluble, but whose carbonates are readily precipitated from 

*Lead appears in Group II as well as Group I owing to the fact that 
PbCb is appreciably soluble in water (about 1 g. in 100 g. of water at room 
temperature) and some always escapes the precipitation with Group I. 

f In practice, the solution is buffered with NH 4 C1 or NII4NO3 to prevent 
any considerable increase of OH“ concentration. If this were not done, 
Mg + + would precipitate in this group as Mg(OH) 2 and even some Ca(OH) 2 
might form. 
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a buffered basic solution by the addition of ammonium carbonate. 
Barium, strontium, and calcium are in this group. 

Group V consists of those cations not precipitated under any of 
the above conditions. The cations in this group are magnesium, 
sodium, potassium, and ammonium. 

The methods of precipitating these metals into their respective 
groups and of further separating and identifying them will be 
outlined in succeeding pages. The procedures will be given in 
outline form for clarity; and for economy of space, abbreviated 
sentences will be used throughout. 

The outline will describe the method of precipitating and 
analyzing each group. To analyze a general unknowm, it is neces- 
sary only that the solution left from the Group I precipitation 
be used as the unknown for the Group II analysis, the solution 
from the Group II precipitation for the Group III unknown, etc. 

For the usual analysis, no more than 1 ml. of unknown should 
be taken. More will make the analysis difficult. 

Preliminary Treatment of Solids. As will be noted from the 
foregoing discussion, before any systematic analysis for cations can 
be undertaken the unknown must be in solution. As a rule, the 
first unknowns issued in an analytical course are already in solu- 
tion; later, however, as well as in many practical analyses, the un- 
knowns are obtained as solids. The dissolution of such solids is 
often simple; sometimes, however, highly specialized procedures 
must be used. The following procedure suffices for most purposes. 

1. To a volume of solid the size of a large match head add 
about 10 drops of distilled water.* Heat on the steam bath for 
2 or 3 min., stirring throughout the whole time. Filter, saving 
the filtrate. If any significant decrease in the volume of the 
solid has occurred, repeat the treatment with a fresh portion of 
water, filtering and combining the filtrates. 

2. If any residue is left from the water treatment, add to it 
about 10 drops of dilute HN0 3 , and warm. If any reaction seems 
to occur, continue wanning (do not boil) until reaction ceases. 
Filter, and combine the filtrate with that obtained by the water 
treatment. As before, if the dilute HN0 3 seems to have dissolved 
any significant amount of the solid, repeat the treatment with 

If the unknown is an alloy, the water treatment is usually useless, as 
only those alloys containing significant quantities of very active metals 
(e.0., sodium amalgam) would be affected by water. With alloys, therefore, 
start with the acid tieatment at once. 
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fresh acid.* Allow plenty of time for the reaetion. The fewer 
solvents, the easier will be the* analysis. 

3. If any residue is left from the dilute 1IX() 3 treatment, treat 
it with concentrated HX() 3 , using the same procedure as before. f 

4. To any residue left from (3) add some fresh aqua regia (3 
drops of concentrated HX() 3 and 9 drops of concentrated HO). 
Heat as before; then filter. $ Do not combine this filtrate with the 
others, however. Save it and any following filtrates until the first 
three filtrates have been tested for Group I cations ;§ combine all, 
just before beginning the Group II analysis. 

* Never add the new acid to the spent acid in contact with the solid. If 
the HN0 3 has been used up, the spent acid will merely dilute the fresh to 
a concentration that may be too low for greatest efficiency. 

f If tin or antimony is present, a white precipitate is often formed during 
this treatment, the precipitate being an oxide of antimony, Sb/) 4 , or a 
hydrated form of stannic oxide known as metastannic acid, IbSnOj. 

; Sl) 2 () 4 is soluble in either concentrated IK-1 or aqua regia, but II 2 Sn()| 
is insoluble in all common reagents. Consequently, a white precipitate 
that forms during the IINOj treatment and remains after the aqua regia 
treatment is usually metastannic acid. In such cases the precipitate may 
be dissolved by either of two methods 

Method 1. Treat the precipitate with concentrated IK-1, and heat for 
4 to 5 min. This will not dissolve the metastannic acid; but if the acid 
is now removed and the precipitate is treated with hot water, the solid will 
dissolve and the solution may be combined with the filtrates obtained from 
the aqua regia treatment. 

Method 2 Wash the white solid with water to remove any acid; then 
mix the solid with its own volume of powdered sulfur and three times its 
volume of solid Na 2 C0 3 . Place the mixture 111 a crucible, and heat it to a 
dull red heat for about 3 min Finally cool the mixture; extract it with 
water; and filter, discarding any precipitate. Acidify the filtrate. with 
dilute acetic acid and heat on the steam bath 3 or 4 mm Filter, discarding 
the filtrate. Dissolve the precipitate m concentrated IKl; boil for 2 or 3 
min. to drive out any II 2 S formed; and combine the solution with the 
filtrates obtained from the aqua regia treatment. 

§ The Group I cations should all be m the combined filtrates from the first 
three treatments, as lead, silver, and mercury nitrates are soluble. The 
addition of a high concentration of Cl - (such as is usually present in the 
aqua regia solution) would tend to precipitate the chlorides of silver and 
lead and then redissolve them to form the complex 10 ns AgC-l z “ and PbCl*~. 
The mercury and lead, if missed m Group I, would be found in Group II; 
but the silver, if present only in small quantities, might be missed. It is 
therefore best to analyze the combined filtrates from the first three treat- 
ments for Group I, then to take the filtrate from Group I and combine it 
with those from later treatments of the solid unknown before starting the 
Group II analysis. 
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5. If any residue remains after the foregoing treatments 
[including the treatment for metastannio acid as outlined in the 
footnote under (4)] an alkaline fusion may be necessary. To 
perform the fusion, wash the residue with water and then dry it 
thoroughly on the steam bath. Cool, and mix the residue with 
an equal volume of Na 2 C >2 and three times its volume of solid, 
Na 2 COs. Transfer to a porcelain crucible,* and heat the mixture 
as strongly as possible over a Bunsen flame for 10 or 15 min. 
Cool; add about 10 drops of water; and carefully acidify with 
dilute HC1. Evaporate just to dryness; then add 10 drops of 
concentrated HCl; and evaporate again. Finally, add about 10 
drops of dilute HCl; stir; warm; and filter. Discard the pre- 
cipitate,! and combine the filtrate with that from the aqua regia 
treatment. 

The procedure outlined here will not suffice for all substances 
but will for most of those commonly used in elementary qualita- 
tive analysis. 

GROUP I METALS 

Chemical Characteristics 

Silver. Silver in the elementary form is fairly inactive chemically, 
undergoing no reaction with dilute nonoxidizing acids or with alkalis It 
reacts with aqua regia, forming a mass of difficultly soluble AgOl, and is 
readily attacked by hot, concentrated H 2 SO 4 and by dilute or concentrated 
HNO s . Because of the high solubility of AgN0 3 , HNO3 is the best solvent 
for this metal. 

Compounds of Silver. Silver forms a large variety of complex ions and 
only slightly soluble compounds. Solutions containing Ag + give the follow- 
ing products when treated with the indicated reagents: 

Dilute sodium , potassium , or ammonium hydroxide gives a brown or black 
precipitate of AgOTI, a compound that is unstable and dehydrates readily 
to produce a mixture of the AgOH with Ag 2 0. Ag 2 0 is an excellent oxidiz- 

* If an analysis is to be made for aluminum and sodium, it is necessary 
to use a crucible made of some material other than porcelain, as part of the 
crucible itself reacts with the fusion mixture and the crucible contains 
these elements. Iron or, even better, nickel crucibles can be used in such 
cases. If a complete analysis is desired, it is best to conduct two fusions, 
using one kind of crucible for the first and another for the second. Those 
elements found in both cases may be assumed to be present in the unknown 
sample. 

f During the fusion, some of the material from the crucible itself is 
converted into soluble compounds, among which is Na 2 Si0 3 . The acidifica- 
tion and evaporation changes the Na 2 SiO s to silicic acid and finally dehy- 
drates the latter to form Si0 2 . This prevents the formation of gelatinous 
silicic acid at inconvenient points during the analysis. 
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ing agent, being itself reduced to metallic silver. Both the hydroxide and 
the oxide are readily soluble in excess NH«OH to form Ag(NH s ) 2 + . 

Hydrogen sulfide precipitates black Ag 2 S, the least soluble of the ordinary 
silver compounds, insoluble in HC'l or NH4OH, but soluble m dilute HNO#, 
soluble also in NaCN or KCN solution, forming Ag(ON)*”. 

Soluble chlorides (such as HC1, NaCl, etc.) give AgOl, white, insoluble 
m water or HN0 3 , soluble in NH 4 OH [forming Ag(NH*) a + ], in concentrated 
HC1, NaCl, or KC1 solution (forming AgCl 2 ~), and in NaCN or KCN [form- 
ing Ag(CN)r]. 

Soluble iodides and bromides give precipitates of yellow Agl and pale yel- 
low AgBr, respectively. Although AgBr is slightly soluble in NH 4 OH, the 
Agl is insoluble in that reagent. Both are insoluble in water or IINO*. 
These compounds are soluble in concentrated solutions of the corresponding 
alkali halide to form Agl 2 " and AgBr»“ and in solutions of alkali cyanides to 
form Ag(CN) 2 “. All the halides of silver are soluble m solutions of sodium 
thiosulfate, Na 2 S 2 () 3 . The fluoride of silver is very soluble in water. 

Sodium carbonate precipitates Ag aTOj , white, soluble m either NH 4 OII or 
HNO 3 . 

Sodium chromate or potassium chromate produces a reddish-brown precipi- 
tate of Ag 2 0rO 4 , soluble in even very dilute IINO, or NII4OTI. 

Lead. Metallic lead is attacked by all the common acids, however, owing 
to the fact that most lead compounds are of very low solubility, the medal is 
best dissolved 111 dilute HNOj. The nitrate and acetate are its most soluble 
compounds 

Compounds of Lead. The following reagents added to solutions contain- 
ing Pb ++ give compounds that are insoluble in water. 

Sodium , potassium, or ammonium hydroxide precipitates Pb(OH)*, white; 
insoluble in water or NII 4 OH ; soluble in HNO*, acetic acid, or excess alkali 
(forming HPb0 2 “); forming insoluble, brown Pb0 2 on addition of HA, 
hypochlorites, or other oxidizing agents. 

Hydrogen sulfide gives PbS, black, insoluble in water, NII 4 OH, dilute 
HC1, (NH 4 ) 2 S, and Na 2 S x ; soluble in 2 N or stronger I1N0 2 and in concen- 
trated HC 1 

Soluble chlorides give P bCl 2 , white, only slightly soluble in cold water, 
soluble in hot water, and m strong HOI to form Pb01 3 “. * 

Iodides give Pbl 2 , yellow and less soluble than Pb01 2 ; soluble in concen- 
trated alkali iodides, forming Pbl 3 “. 

Soluble chromates such as K 2 0r0 4 precipitate PbCr0 4 , yellow, insoluble in 
water or acetic acid, soluble in HNO a and in alkalies (forming HPb0 2 ~). 

Dilute sulfuric acid or soluble sulfates precipitate PbSCh, white; insoluble 
in water; soluble in concentrated H 2 S 04 [forming soluble Pb(HS04)2], in 
strong ammonium or sodium acetate solution [forming the very slightly 
ionized Pb(C 2 H 8 0 2 ) 2 ], and in strong alkalis (forming HPbOjf ). 

Mercury. Metallic mercury is only slightly more active than silver; con- 
sequently, mercury is readily displaced from its compounds by even so 
inactive a metal as copper. As it is below hydrogen, it does not react with 
dilute H 2 SO 4 or HC1. It dissolves readily, however, in hot HNO, <0 form 
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Hg(N() 3 ) 2 , or in cold HNO a to form Hg 2 (N0 3 ) 2 . Mercury also dissolve? 
readily in concentrated HI owing to the formation of very slightly dissoci- 
ated Hgir, the other product being hydrogen. Hot, concentrated H 2 SO- 
dissolves mercury, forming the sullate and S0 2 . The metal is also soluble 
in aqua regia to form IIgCl 2 or HgCl 4 ". 

Compounds of Mercury. Mercury forms compounds of two types — 
mercurous (Hg 2 4 “ L ) and mercuric (Hg +f ). The nitrates of both are soluble, 
but their reactions are so different as to make it necessary to consider them 
separately The chlonde of either is readily reduced by SnCl 2 to dark, 
finely divided metallic mercury, Hg01 2 being first reduced to Hg 2 Cl 2 

Mercurous Compounds. With NIItOIT, IIg 2 (NOd ) 2 gives a mixture of 
white H g 2 O ( N H 2 ) ( N () 3 ) and metallic mercury. Hg 2 01 2 does not dissolve 
in NH 4 OH, but reacts with it to form a black mixture of finely divided 
metallic mercury (black)* and Hg(NH 2 )Cl (white). 

Hydrogen sulfide precipitates a mixture of HgS and Hg, the mixture being 
soluble in Na 2 S r , but insoluble in (NH 4 ) 2 S. 

Soluble chlorides precipitate Hg 2 01 2 , white; insoluble in water or dilute 
acids; soluble in hot, concentrated HNOa or H 2 S () 4 owung to the fact that 
the Hg 2 ++ is oxidized to TIg ++ ; insoluble in NII 4 OH but reacting with the 
latter to form a black mixture of IIgNH 2 Cl and metallic mercurv 

Potassium iodide precipitates green Hg 2 I 2 , which reacts with excess 1“ to 
form IIgI 4 ~ and metallic mercury 

Alkali carbonates give a yellow' precipitate of IIg 2 C0 3 , decomposed on boil- 
ing or standing, into a gray mixtuie of Hg and HgO. 

Mercuric Compounds. Alkalies and alkali carbonates precipitate, from 
hot solutions, HgO, red or yellow, insoluble in water, but soluble in acids. 
The oxide is unstable above 300°C., decomposing to give metallic mercury 
and oxygen. 

Hydrogen sulfide precipitates HgS, black; insoluble in water, dilute acids, 
concentrated HC1, or (NH 4 ) 2 S; soluble in hot, concentrated HNO 3 (with 
long boiling), in aqua regia, in yellow (NH 4 ) 2 S r , and in Na 2 S (forming 
HgS 2 “ from which it is reprecipitated by acidification). When HgS is being 
precipitated from solutions of Hg ++ by the addition of II 2 S, the first sub- 
stance to form is a white, insoluble, double salt of the type (HgS ) 2 HgCl 2 
This is slowly converted by more H 2 S into black HgS. When HgS is dis- 
solved in HNOa, (HgS) 2 *Hg(N0 3 ) 2 is produced as an intermediate product, 
this slowly dissolving to form the normal nitrate. 

Soluble chlorides form no precipitate, as HgCl 2 is fairly soluble Hg- 
(NH 2 )C 1 , white, insoluble in water, is formed by treating Hg 2 01 2 or HgCl 2 
with NH 4 OH. It is soluble in hot NH 4 C 1 , forming Hg(NH 3 ) 2 Cl 2 , and in 
acids. 

Soluble iodides precipitate Hgl 2 , red, insoluble in water, soluble in excess 
alkali iodide to form Hgl 4 ”. HgBr s is more soluble in water than is Hgl 2 . 

Soluble chromates form, in neutral or buffered acid solutions, HgCr0 4 , 
orange, insoluble in water, soluble in acids. 

* Very finely divided metals are frequently black in color regardless of 
their color in the massive form. 
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Alkali thiocyanates precipitate Hg(SCN) 2 , white; insoluble in water; solu- 
ble in excess thiocyanate, forming Hg(SCN) 4 “. 

PREL1MINA RY EXPERIM ENTS * 

1. Silver Ion, Ag + . a. To 2 or 3 drops of a solution containing 
Ag + (Question 1)1 add 1 drop of IrV Htl Filter, and try dis- 
solving a small portion of the precipitate in hot water. 

b. Try to dissolve some of the AgCl prepared in a in 4 or 5 
drops of ON NH 4 OH. If any solid refuses to dissolve, filter. 
Place 1 drop of the clear filtrate on a small watch glass and; 
with the latter resting on a black surface (Question 2), add 2 drops 
of 4 N HNO 3 . Examine closely for evidences of a precipitate. 

To a second drop of the filtrate, add 1 drop of 0.1 AT KI solution. 

c. To 1 drop of Ag 1- solution, add 1 drop of IN K 2 Cr0 4 solution 
and note results. Now add 1 drop of 1 N NH 4 CI solution; stir; 
and note any change that occurs (Question 3).J 

To a mixture of 1 drop of 1 A K 2 Cr () 4 and 1 drop of IN NH4CI, 
add 1 drop of 5 per cent AgN0 3 solution. Stir; note any change; 
then add a second drop of the AgNOs solution. Repeat until 
no further precipitation occurs, noting the color of the final pre- 
cipitate (Question 4). 

2. Lead Ion, Pb ++ . a. Precipitate some PbCl 2 in the same 
manner as was used to precipitate AgCl, using a solution of Pb f f 
and some 1 N HOI. Note the slowness with which the PbCl 2 
precipitates. 

Filter; then to a small portion of the precipitate add 1 or 2 
drops of concentrated HOI, noting any results. 

* In these experiments it is necessary to keep careful notes, to identify"' 
the products of each reaction, and to watch carefully for similarities and 
differences in the behavior of the different metals with the same reagents. 
Upon these factors are based the separation and identification of the metals. 
The greater the understanding the student has of these reactions the more 
accurate will be the results of the analyses performed later. Under Chemical 
Characteristics and in the equations on p. 212 will be found the necessary 
information on these reactions. 

f At the end of the section on each cation group will be found questions 
designed as study aids. Attention is drawn to some of these questions 
by reference to them in the body of the experiment at that point where 
pertinent information on the particular question should have been obtained. 
It is advisable to look at each question when such indications are noted, as 
this experiment is supposed to teach that point. 

J It should be remembered in this experiment that a white precipitate in 
a colored solution appears to be the color of the solution. 
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b. To the second portion of PbCl 2 from (a) add 5 or 0 drops o! 
water, heat almost to boiling, and stir. Note whether or not any 
of the solid appears to dissolve; then place the mixture on the 
steam bath to keep it hot, and save for the following experiments 
(Question 5). 

c. On a microscope slide place 1 drop of the hot solution from 
(6), and to it add 1 drop of IN H 2 S0 4 . Observe results against 
a black background. 

d. Repeat (c), using IN K 2 Cr0 4 solution instead of the H 2 S0 4 . 
Try dissolving the precipitate by adding 2 or 3 drops of 6 N NaOH 
and stirring. 

e. To 2 drops of Pb 4+ solution add 5 drops of water and 1 drop 
of O.liV KI solution. Heat the mixture just to boiling, noting 
all occurrences; then cool, again noting occurrences. Finally 
try dissolving the precipitate by adding an excess of IN KI 
solution. 

/. In a test tube put 2 drops of Pb 44 solution and 1 drop of 
dilute NH 4 OH. Observe any results against a black background. 

To this mixture add 2 or 3 drops of H2O2 and warm gently, 
noting occurrences.* 

3. Mercurous Ion, Hg 2 44 . a. Precipitate some IIg 2 Cl 2 , and 
test its solubility in hot water as was done for AgCl. 

b. To some Hg 2 Cl 2 add 2 drops of dilute NH 4 OH, and note 
what occurs. Filter; wash the precipitate in cold water, and save 
the precipitate for c. 

c . To the precipitate from (b), add 3 drops of concentrated 
HNO3 and 9 drops of concentrated HC1.| 

Warm on the steam bath for at least 3 min. to allow the reac- 
tion to be completed, then evaporate barely to dryness, t 


* The reactions that occur when Pb 4 1 and H 2 0 2 are mixed in alkaline 
solution are given by the equations 

Pb ++ + 2(OH“) — > Pb(OH) 2 
Pb(OII) 2 + H 2 0 2 -> Pb0 2 + 2H 2 0 

The Pb0 2 is a powerful oxidizing agent when in acid solution. 

f This will give a mixture of HNO3 and HOI in the ratio of 1 to 3 by 
volume. Such a mixture, known as aqua regia, is a powerful oxidizing 
agent. The action of aqua regia on compounds of mercury is described on 
p. 113. 

The products of the reaction of any metallic compound or metal with 
aqua regia are chlorides. 

X The product, mercuric chloride, sublimes readily; consequently, it is 
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To the iesidue add 4 or 5 drops of water and stir. To 1 drop 
of this solution add 1 drop of 0.1 .V KI solution and note results. 

To a second drop of the solution add 1 drop of stannous 
chloride, SnCL, solution.* 

To the remainder of the solution add a freshly polished bit of 
copper. Let stand 10 to 15 min.; then wash the copper, and 
examine it closely. Rub your thumbnail over the surface of 
the copper to see if any silvery droplets of mercury can be 
obtained. 

d . To 1 drop of Hg 2 ' f+ solution add 1 drop of 0.1 AT KI solution, 
noting occurrences; then try to dissolve the precipitate by adding 
an excess of IN KI solution. 

Analytical Aspects 

A study of the chemical characteristics of the metals shows that 
the chlorides of the three ions — Ag + , Hg 2 ++ , and I > b++— arc 
insoluble whereas those of other cations are soluble. It is pos- 
sible, therefore, to separate these throe metals from the others 
in a general unknown by adding Cl~ to the solution to precipitate 
the chlorides of lead, silver, and mercurous mercury. This 
leaves the other metallic ions in solution. A solution of H(4 is 
used, as it furnishes the necessary Oi~ without adding anything 
undesirable to the solution. Too great excess, however, may 
result in part of the precipitate rodissolving, forming PbCl 3 ~ and 
AgCl 2 - 

The further separation and identification of these three metals 
depends upon (1) the high solubility of lead chloride in hot 
water, (2) the reaction of silver chloride with NH 4 OH to form a 
silver ammonia complex, and (3) the reaction of mercurous 
chloride with NH 4 ()II to produce a black mixture of metallic 
mercury and insoluble mercuric ammonochloride. 

essential not to overheat this at the end of the evaporation or the mercury 
may he lost. 

* Stannous chloride, which is a strong reducing agent, reduces the mercuric 
chloride (from the aqua regia treatment) in two steps The first step is 
the formation of mercurous chloride, a white insoluHHj substance, and 
stannic chloride: 

2HgCl 2 4" SnCl 2 — * Hg 2 Cl 2 4~ SnCl 4 

More stannous chloride reduces the mercurous chloride to black metallic 
mercury: 


Hg 2 CJ 2 + SnCl 2 — ► 2Hg° 4- SnCI 
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Group I Analysis 

To 1 ml. of the unknown solution (see Note 1) add 2 drops of IN HC1 
solution, stir thoroughly, and centrifuge Test for completeness of precipi- 
tation and add more reagent if necessary (see Note 2 and Preliminary 
Experiment 2a). Stir again, then filter. Wash the precipitate with cold 
water, combining the first wash water with the filtrate (see Notes 3 and 4). 

Filtrate. Save for Precipitate (see Note 5). Consists of PbCl 2 , AgCl, 
Groups II, III, and Hg 2 Cl 2 . Add 6 or 7 drops of boiling water and 
IV, and V. heat, with stirring, for 2 or 3 min. on the steam bath 

( see n ,te 6). Centrifuge quickly and immediately 

remove the filtrate while keeping the mixture hot on the steam bath. Wash 
repeatedly with hot water until the washings give no precipitate upon addi- 
tion of K 2 Cr 04 solution. Keep the first filtrate hot m a test tube on the 
steam bath. 

Filtrate. Contains Precipitate. Consists of AgCl and Hg 2 Cl 2 . Add 
PbCl 2 . To 1 drop of 4 or 5 drops of dil NII 4 OH, stir, and filter, 
the hot filtrate add 1 Repeat the treatment with NII 4 OH if any 
drop of K 2 Cr0 4 soln. significant amount of precipitate remains, and 
and observe against a combine the filtrates (see Notes 7 and 8). 

black background 

YELLOW Filtrate. Contains Precipitate. Contains 

PRECIPITATE Ag(NH.,) 2 + and Cl". Hg and IIgNH 2 Cl (see 

indicates Pb ++ present. To 1 drop of filtrate, on Note 8). 

a watch glass over a BLACK PPT. 

To another drop of the black background, add shows Hg 2 ++ present. 

filtrate add 1 drop of 2 drops of dil HNO a . 

dil. H 2 S0 4 ^ WHITE CLOUDY PPT To the precipitate add 3 

WHITE PPT. indicates Ag f present. drops of cone. HN0 3 

confirms Pb ++ . - — and 9 drops of cone. 

To 1 drop of filtrate add HC1. Heat on the 

1 drop of 0.1 A 7 KI soln steam bath 3 to 5 min , 

PALE YELLOW PPT. then evaporate almost 

confirms Ag + . to dryness. Add about 

5 drops of water and 

stir. 

To 2 drops of the solu- 
tion add 1 drop of 
SnCl 2 soln. 

WHITE or GRAY PPT. 
confirms Hg 2 ++ . 

* A number of extra identification tests, some of which make use of organic 
reagents, are described for many cations in the section Auxiliary Tests, 
beginning on p. 269 
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Notes 

1. If the unknown is a general, it is essential that the test for ammonium 
ions he performed first of all; for not only are ammonium compounds easily 
obtained as contamination from the air of the laboratory, but also they are 
added to the unknown in Group III. The necessary procedure is described 
m Group V. 

2. After precipitation seems complete, vigorously rub the inside of the 
test tube with a stirring rod and let stand 3 to 5 min. PbCl 2 is very slow 
to precipitate and may be overlooked m this group if plenty of time is not 
allowed to insure its precipitation. 

3 Some of the original liquid always wets the precipitate after filtration; 
consequently, the first wash water always contains an appreciable quantity 
of the cations that* should have remained in the filtrate By always com- 
bining the first wash water with the filtrate, loss of these cations is mini- 
mized Later wash liquids should be discarded, however, as the volume of 
liquid would otherwise become too great. These procedures should follow 
every filtration. 

4. If the wash water is not sufficiently cold, or if the quantity of lead is 
small, any lead chloride present may dissolve during the washing process. 
Any lead missed in Group I, however, will appear in Group II in which pro- 
vision is made for its analysis. 

5. The absence of a precipitate at this point means that the metals of 
Group I, with the possible exception of lead (which may be found in Group 
II), are absent. 

0 Lead chloride is quite soluble in hot water but reprecipitates at once if 
the solution is allowed to cool. The small volume of liquid used here cools 
very rapidly, and the test for lead is often lost through failure to keep the 
solution hot during the whole procedure If a medicine dropper is used for 
filtration or for transferring the solution, it should be preheated by placing 
its tip m a microbeaker full of hot water on the steam bath during the run- 
ning of the tests for lead. 

7. When a mixture of AgCl and Hg 2 Cl 2 is treated with NH 4 OH (which in 
this case acts as a source of NH 3 molecules), the reactions occurring are 

AgCl + 2NH, ^ Ag(NHa)*+ + Cl" 

Hg 2 Cl 2 + 2NH 3 - IlgNHiCl l + IIg° l + NH«+ + Cl" 

If the quantity of NH 4 OH used is not sufficient for both reactions, the reac- 
tion with the Hg 2 Cl 2 takes place and the AgCl remains precipitated instead 
of dissolving as it normally should. For this reason, if moderately large 
quantities of Hg 2 ++ were present (evidenced by a fairly large black or dark 
gray precipitate left after the first treatment with NH 4 OH), silver may be 
overlooked unless the second portion of NH 4 OH is used*# 

8. If the ammoniacal solution is left in contact with the precipitate of 
Hg and HgNH 2 Cl, a displacement reaction occurs between any Ag(NHi) 2 ' r 
and the Hg: 

2Hg° + 2Ag(NH,) 2 + -> Hg 2 ++ + 2Ag° + 4NH, 

The metallic silver thus remains in the precipitate; and if only small quanti- 
ties of silver were present, the usual test for silver may prove negative. In 
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the aqua regia treatment of the precipitate, however, the silver will be con 
verted to AgOl; consequently, after the water is added to the residue from 
the aqua regia treatment, the AgCl may be filtered, washed, and tested with 
NH 4 OH and HNO 3 to show the presence of Ag + in the unknown. 

Questions 

1. Why is it unnecessary to specify which compound to use to furnish the 
Ag + ? Write the equation for the reaction occurring when Cl~ is added to 
Ag+ solution. 

2 . Why is a black surface preferred instead of a white one when a light- 
colored precipitate is to be observed? 

3 . Explain why the color of the precipitate of Ag 2 Cr0 4 changes when the 
chloride is added. 

4 . Explain the results obtained here, drawing conclusions as to the order 
of precipitation of two compounds having an ion in common but having 
different solubilities. (Hint: AgCl is less soluble than is Ag 2 Cr0 4 .) 

6 . How could you use the differences in the action of hot water on AgCl 
and PbCl 2 to separate silver from lead? 

6 . How could you use the differences in the action of NH 4 OH on AgCl 
and Hg 2 Cl 2 to separate silver from mercury? 

7 . Compare the solubilities of the following pairs of compounds, stating 
what evidence you obtained during the preliminary experiments to support 
your conclusions: (a) silver chloride and silver chromate, ( b ) silver chloride 
and silver iodide, ( c ) lead chloride and lead sulfate, (d) lead chloride and lead 
chromate. 

8 . What is the chemical basis for the separation of the members of Group 
I from the cations of the other groups? What reagent is used for this 
separation? 

9. Outline briefly the separation of the Group I cations from each other. 

10 . Write equations for the reactions of 

(a) Lead and mercurous nitrates with HC1 

(b) Silver and mercurous chlorides with NII 4 OII. 

(c) Diammine silver chloride with HN0 3 and with KT (see page 142). 

(d) Hg and HgNII 2 Cl with aqua regia 

(e) HgCl 2 with SnCl 2 (in two steps). 

11 . Which of the reactions in Question 10 are oxidation-reduction reac- 
tions? Indicate in each case which is the reducing agent and which is the 
oxidizing agent. 

12 . Make a chart giving the name, formula, color, and usual solvent for 
each of the compounds produced m the preliminary experiments. 

Equations for Group I Analysis* 

Lead 

Pb ++ + Cl" -> PbCl 2 
PbCl 2 -f SO*" PbS0 4 + Cl- 
PbCl 2 4* Cr0 4 “ PbCr0 4 4- Cl~ 

* The student should balance each of these equations for practice, indi- 
cating precipitates by ( j ) and gases by ( | ). Also the colors of any pre- 
cipitates should be indicated. 
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Silver 

Ag+ + Cl" -> AgCl 

AgCl + NH 4 OH — ► Ag(NH 3 ) 2 + + a- + H,0 
Ag(NH 3 ) 2 + + 11+ + Cl- — AgCl + NH 4 + 

Ag(NH 3 ) 2 + + 1~ -> Agl + NH, 

Mercury 

Hg>+ + + Cl- -> Hg 2 Cl 2 

Hg 2 Cl 2 + NH 4 OH -> Hg° + HgNH,Cl + NH 4 + + Cl~ 4- 11*0 

Hg° " 1 " if- 1 ) (from aqua regia) * HgCl 2 

HgCl 2 4- SnCl 2 -* Hg 2 Cl 2 4- SnCl 4 
IIg 2 Cl 2 4- SnCl 2 Hg° + SnCl 4 

GROUP II METALS 

Chemical Characteristics 

Copper. Metallic copper is much like mercury in its reactions. It is 
insoluble m dilute, nonoxidizing acids in absence of air but dissolve's slowly 
in strong HC1, if air is present, to form the complex cuprochlonde ion, 
Cu 2 Cl 4 ". The metal dissolves readily m HNOg or in hot concentrated 
H 2 SG 4 Copper displaces mercury and silver from their compounds and 
is itself readily displaced from compounds by metallic- iron, aluminum, or 
zinc. Two types of copper compounds are formed. 

Cuprous Compounds. These are similar to the corresponding silver and 
mercurous compounds in many respects. The chloride, Cu 2 Cl 2 , is white; 
insoluble in water; soluble in HOI, forming CutCU", and in excess NII 4 OH, 
forming Cu 2 (NHj) 4 ++ . 

With sodium hydroxide , solutions containing Ou 2 ++ give a yellow precipi- 
tate of Cu 2 (OII) 2 , decomposed on boiling to form red 0u 2 0. 

With hydrogen sulfide , black Cu 2 S is precipitated, insoluble in dilute 
nonoxidizing acids but readily soluble in warm HN () 3 to form Cu(N() 3 ) 2 . 

Cupric Compounds. With potassium, sodium , or ammonium hydroxide , 
solutions of Cu++ give green Cu(OH) 2 , insoluble 111 water or excess alkali 
but soluble in excess NH 4 OII [giving deep blue Cu(NH 3 ) 4 +< ~], m KON, and 
in acids 

Hydrogen sulfide precipitates black OuS, insoluble in dilute, nonoxidizing 
acids and only slightly soluble in (NH 4 ) 2 S, readily soluble in warm HNO* or 
in excess KCN [forming Cu(CN)s"]. 

Potassium or sodium iodide first forms Cul 2 which is very unstable and at 
once decomposes to form free iodine and a precipitate of pinkish-white 
Cu 2 I 2 . The cuprous iodide is insoluble in water but is soluble 111 excess alkali 
iodide or in Na 2 S 2 0 3 solution. 

With alkali carbonates , a basic carbonate is precipitated, soluble in acids 
and in NH 4 OH. 

Cupric nitrate , sulfate , and chloride are very soluble in water. 

With potassium ferrocyanide, a precipitate of brownish-red Cu 2 Fe(GN)> 
is obtained, insoluble in water and weak or dilute acids but soluble inNH 4 OH. 
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Bismuth. Bismuth is a rather inactive metal, insoluble in HC1 or cold 
H 2 S0 4 but soluble m HNO 3 or hot H 2 S0 4 The element exhibits two prmci- 
pa 1 valences, +3 and +5. The tnvalent form is the most stable. 

Compounds of Bismuth. The compounds of tnvalent bismuth hydrolyze 
readily m dilute solutions, giving precipitates of the type (BiO)Cl or 
(BiOHNOg). Characteristic reactions of solutions containing bismuth are 
as follows: 

Sodium hydroxide gives white Bi(OII) 8 , insoluble in water or in excess 
NH 4 OH or NaOH, readily soluble m acids. Ammonium hydroxide pre- 
cipitates salts of variable composition. 

Hydrogen sulfide precipitates Bi 2 Sa, brown; insoluble in dilute, non- 
oxidizing acids or in (NII 4 )aS, soluble in hot concentrated HO or m dilute 

HNOg. 

Soluble iodides precipitate black B 1 I 1 , soluble in excess to form yellow 
B1I4-. 

Alkali carbonates precipitate basic carbonates of the type Bi( 0 H)C 03 . 

Potassium chromate gives yellow (Bi()) 2 Cr0 4 , soluble m strong acids but 
insoluble in alkalies This last is one essential difference between lead and 
bismuth chromates. 

Metallic zinc , 01 stanmte ion ( IfSnO-f ) reduces Bi t++ , Bi() + , or Bi(OH),i to 
metallic bismuth, usually as a black powder. 

Strong oxidizing agents such as Cl 2 , C10~, or II 2 0 2 , added to alkaline sus- 
pensions of Bi(OI1 )3, give a brown precipitate of meiabismuthic acid , HB 1 O 3 , 
insoluble m water, but an oxidizing agent that is sufficiently powerful to 
oxidize Mn ++ in cold HNO3 solutions to Mn0 4 ~. 

Cadmium. Cadmium is a moderately active metal, being but slightly 
less active than iron. It is an easily volatilized element (B P , 767°C.). 
On heating, it combines with oxygen to form brown OdO. It dissolves 
slowly m II Cl or II »S0 4 but rapidly in HNO 3 

Compounds of Cadmium. With solutions containing Cd +4 : 

Sodium hydroxide precipitates white Od(OH) 2 , insoluble in excess alkali, 
soluble in acids or m NH 4 OH [forming Cd(NH 3 ) 4 ++ ]. 

Hydrogen sulfuie precipitates, from solutions 0 3 N or less with HOI, 
yellow or orange CdS; insoluble in (NH 4 ) 2 S, Na 2 S x , or KCN, soluble in 
3 N HC1, in dilute HNO 3 , and in hot, dilute H 2 S0 4 . 

Sodium or ammonium carbonate forms white CdCOs, insoluble m water; 
soluble in acids, in KCN, and in solutions of ammonium salts 

Potassium ferrocyamde precipitates white Cd*Fe(CN)« 

The mtrate f chloride , and sulfate of cadmium are soluble m water 

Arsenic. Elementary arsenic is a grajr, very brittle substance, subliming 
readily at 615°C., giving a vapor of a characteristic garlic-like odor. Its 
vapors and compounds are extremely poisonous The element is ampho- 
teric, its oxides dissolving m acids or in alkalies. Arsenic does not dissolve 
in HC1 but dissolves slowly in strong alkalies and more rapidly in NaOCl, 
aqua regia, or concentrated HNO 3 . At high temperatures it combines 
readily with sulfur, oxygen, or chlorine and reacts with metals to form arse- 
nides such as Zn 3 As 2 . 
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Compounds of Arsenic. Arsenic exists m both the tiivnlent and the 
penta valent state. If in alkaline solution, the arsenic is present m the form 
of arsenite or arsenate ions; if m strongly acid solution, as arsenous or 
arsenic ion Both types give arsine, Aslh, a very poisonous gas, on reduc- 
tion with acid and zinc or aluminum or on reduction with alkalies and alumi- 
num. The tnvalent arsenic compounds art the most easily reduced, 
however. 

Arsenious Compounds and Arsenites. Arsenous oxide, Ah 2 Oj, is white 
and is slightly soluble hi water, the compound is very soluble in IK’I, forming 
As 4 and m alkalies, foiining arsenite, As()j~, ion. 

Hydrogen sulfide causes no precipitation from neutral or alkaline solutions 
of arsenites, owing to the foimation of soluble thioarsenites From slightly 
acid solutions of arsenites H 2 S readilj precipitates Ah-Sa, yellow, insoluble 
in dilute, nonoxidizing acids but soluble (with long boiling) in concentrated 
HC1 and readily soluble in concentrated HNOa, aqua regia, or amiuomaeal 
H 2 Oi (forming As() 4 ), m ammonium carbonate (forming a mixture of 
thioarsemte, AsS.t , and arsenite, As(V ), in alkali sulfides (forming AsSa”), 
and in Na 2 S J! (forming thioarsenate, AsS 4 "). 

Silver nitrate , with neutral or faintly acid solutions of arsenites, gives 
AgsAsCh, yellow, insoluble in water, but readily soluble in NII 4 OH or HNOj. 

Ammonium molybdate , and magnesia mixture give no precipitate with 
arsenites This is an important analytical difference between arsenites and 
arsenates 

Zinc or aluminum with acidic or strongly alkaline solutions of arsenites 
gives arsine. 

Arsine decomposes 011 heating, giving As and H 2 This is the basis of the 
Marsh test for ai sonic. 

Oxidizing agents readily oxidize arsenites to arsenates, the reaction being 
most easily accomplished in alkaline or neutral solutions. In hot, alkaline 
solutions, arsenites reduce t’ufOIl)^ to yellow or rod Cu 2 () 

Arsenic Compounds and Arsenates. Arsenic oxide, Ah 2 0,, dissolves 
readily in water to form arsenic acid, H 3 As() 4 , and m alkalies to form 
arsenates 

Hydrogen sulfide does not form any precipitate with neutral solutions of 
arsenates. With weakly acid solutions, it will form As 2 8 6 only after a long 
period of time. However, if the solution of arsenate is first made strongly 
acid with HC1, yellow As 2 S& precipitates at once.* As 2 S 6 is insoluble in 


* The failure of H 2 S to precipitate the sulfides from neutral or weakly 
acid solutions of arsenates is due partly to the formation of soluble complex 
thioarsenate ions (such as AsS^, As0 3 S“ etc ) and partly to the fact that 
H 3 As0 4 is quite stable and gives a very low concentration of As 4 * +++ ions 
A high concentration of H + 10 ns, however, favors the formation of As 4 ' 4 ” 444 ' 
ions, in accordance with the equation 

H 3 As 0 4 + 5H^ ;=± As 4 " f+++ 4- 4H 2 0 

Theretore, since As 2 S& is insoluble in quite concentrated HC1, As 2 S 6 pre- 
cipitates readily from solutions of strong HCl- 
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water or nonoxidizing acids. It is soluble, however, in the same solvents 
as those listed for As*Sa With (NH 4 ) 2 C0 3 , As 2 S 6 forms a mixture of As0 4 " 
and AsS^; with (NH 4 ) 2 S, it forms AsS^. 

Soluble iodides reduce acid solutions of arsenates to arsemtes, the reaction 
being 

As0 4 SE + 2ll + + 21- -> Ah() 3 3 + H 2 0 + I 2 

Silver nitrate gives, with neutral solutions of arsenates, Ag 3 As0 4 , choco- 
late-colored, insoluble in water, but soluble in NII 4 OH and in acids 

Ammonium molybdate gives, in dilute HNO 3 solutions of arsenates, 
(NH 4 ) 3 As() 4 12Mo0 3 , yellow, insoluble in water or dilute HN0 3 , but 
readily soluble 111 NH 4 OH or alkalies. Excess reagent is needed for the 
precipitation. 

Magnesia mixture (a mixture of Mg01 2 , NH 4 OH, and NH 4 01) precipi- 
tates white, crystalline MgNH 4 As0 4 , insoluble in water or dilute NH 4 OH, 
but soluble m even weak acids Arsemtes give no precipitate with this 
reagent. 

Antimony. Metallic antimony is a brittle, silvery metal, with a melting 
point of 630°C , a boiling point of 1380°0., and a density of 6 7. At high 
temperatures, antimony combines readily with oxygen to form Sb 2 0 3 and 
Sb 2 0 4 , with sulfur to form Sb 2 S 3 , and with chlorine to form SbCl 3 and 
SbOU It does not dissolve in nonoxidizing acids but dissolves readily m 
aqua regia. IIN0 3 attacks it but forms an oxide that is soluble, with great 
difficulty, in concentrated HNO 3 , more readily in HC1 or aqua regia. 

Compounds of Antimony. Though antimony exists in both the tri- and 
pentavalcnt states, the trivalent compounds are the most stable. Both 
oxides are amphoteric, but Sb 2 Oa is more basic and Sb 2 0 6 is more acidic in 
nature. Antimonic compounds are oxidizing agents. 

All antimony salts hydrolyze in dilute solution, SbCl 3 giving SbOCl and 
Sb(OH) 3 , both of them white, insoluble in water, but soluble in acids or m 
alkalies. Tartrates repress the precipitation, forming soluble (Sb0)C 4 H 4 06 _ 
ions. 

Sodium hydroxide , ammonium hydroxide , or alkali carbonates precipitate 
antimony hydroxide, Sb(OH) 3 , white, soluble in acids or strong alkalies. 

Hydrogen sulfide precipitates Sb 2 S 3 , orange, insoluble in dilute nonoxidizing 
acids; soluble in strong HC1, in (NH 4 ) 2 S (forming SbS 3 “), and m alkalies 
(forming mixtures of thio- and oxythioantimomte 10 ns). 

Zinc or aluminum with nonoxidizing acids reduces antimony compounds 
mostly to finely divided, black elementary antimony , but partly to stibine, 
SbH 3 , a gas giving reactions very similar to those of arsine, AsH 3 . Stibine, 
unlike arsine, is not formed by alkaline reduction, this difference often being 
used as a method of identifying arsenic in the presence of antimony. The 
Marsh test gives a mirror of metallic Sb, which is distinguished from the As 
mirror by the fact that Sb is not soluble in NaOCl solution. 

Tin. Metallic tin is a soft, malleable metal, having a melting point of 
232°C., a boiling point of 2270°C., and a density of 7 3 Being just above 
hydrogen in the displacement series, it slowly dissolves in dilute nonoxidizing 
acids or more readily in hot concentrated H Cl . The metal reacts with HNO 3 
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to form metastannic acid, H 2 Sn0 3 , a white substance, insoluble in alkalies 
or acids In neutral or only slightly acid solutions, zinc displaces tin from 
its compounds, forming the metal. 

Compounds of Tin. Tin forms compounds in which it has a valence of 2 
and of 4. The latter are the most stable, as air readily oxidizes the former 
to the tetravalent state. Both forms are amphoteric, and the compounds of 
both hydrolyze readily 111 dilute aqueous solutions. When in aqueous solu- 
tions, the tin is in the form of complex 1011 s of the type Sn(T«“ rather than 
as simple 10 ns 

Stannous Compounds. SnCl 2 (the most common stannous compound) 
hydrolyzes m water, giving Sn(OII)(T or, m more dilute solutions, Sn(OIl) 2 . 
Solutions of Sn('l 2 arc kept stable by adding HOI, to prevent hydrolysis, 
and metallic tin, to reduce any stannic 1011 s formed by air oxidation. The 
tin is actually present as a complex ion such as Sn01 4 ”. 

With N / 1 4 , 011 , carbonates or alkalies, white Sn(OH) 2 is precipitated, only 
slightly soluble m excess NH 4 OII but readily soluble in excess alkali (form- 
ing stanmte, H8nO*“, ion) and m mineral acids Stannites decompose 
slowly on standing (or more rapidly if heated), giving a brown mixture of 
S 11 O 2 and metallic tin. The stannites are powerful reducing agents, being 
capable of reducing the hydroxides of many metals to form the free metal. 
An example is the use of IISn0 2 ~ to reduce Bi(OII) 3 to Bi in testing for 
bismuth 

Hydrogen sulfide precipitates S 11 S, brown, insoluble in waiter or (NH 4 ) 2 S, 
but soluble m moderately strong HO, in mixtures of oxalic acid and ammo- 
nium salts, also in alkali or ammonium polysullide, forming thiostannate, 
SnS:T, ion The latter decomposes on acidification, giving SnS 2 . 

All stannous compounds are good reducing agents. They reduce Hg01 2 to 
HgsCU, then to free Hg Bismuth compounds are reduced by alkaline 
stanmte solutions to black metallic Bi Alkaline solutions of lead are 
reduced, 111 a similar manner, to metallic Pb, the reaction being much slower 
than with bismuth compounds Stannous compounds will also reduce ferric 
10 ns to the ferrous state and gold chloride to finely divided gold, Au. 

Stannic Compounds. The simple stannic ion seldom exists in solution, 
as it has strong tendencies to form complex negative 1011 s. In neutral 
aqueous solutions, stannic compounds hydrolyze, forming Sn(OH) 4 . To 
prevent this the solution must be strongly acid, the tin being in ions of the 
type SnCle". 

Alkalies, NH 4 OH, or soluble carbonates precipitate Sn(OH)« from solutions 
of stannic compounds. The Sn(OH) 4 thus formed is white, insoluble in 
NH4OH or Na 2 C0 3 , but soluble in alkalies or K 2 C0 3 (forming Sn(OH) fi "l, 
and m mineral acids. If the stannic hydroxide is allowed to stand or is 
heated for a while, it is converted to metastannic acid, H 2 Sn0 3 , which is 
insoluble in either acids or alkalies. * ** 

* A very effective method of putting metastannic acid into solution is to 
fuse it with Na 2 C0 3 and sulfur, treating the pulverized residue with water. 
The reaction is 

2H 2 Sn0 3 + 2Na 2 C0 3 + 9S 2Na 2 SnS 3 + 3S0 2 + 2C0 2 + 2H 2 0 
When this is weakly acidified, SnS 2 precipitates. 
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Hydrogen sulfide reacts with solutions of stannic compounds, precipitating 
SnSs, yellow, insoluble in water or ammonium carbonate, soluble m (NH^S 
or alkali polysulfides (forming SnS 3 ”) and in acids Considerable amounts 
of oxalic acid prevent this precipitation 

Antimony , lead , or von reduce acid solutions of stannic compounds to the 
stannous state but not to the metal Zinc or aluminum reduces stannic 
solutions to metallic tin; but if the solution is strongly acid, the tin redis- 
solves, forming stannous ion Tn analytical work these metals are used to 
reduce stannic ion to stannous, and the final test for tin depends upon testing 
the resulting solution for the reducing properties characteristic of Sn ++ . 

Stannic compounds are not reducing agents 

Preliminary Experiments* 

1. Comparison Tests, a . Hydroxides. In each of seven test 
tubes, place 3 drops of water. To one add 1 drop of Hg 4+ solu- 
tion; to another, Pb ++ ; to another, Bi++ + ; to another, Ou 4 + ; to 
another Cd ++ ; to another Sb +++ ; and to another Sn 4+ . Note 
results, and record them in a chart, together with the formulas of 
any products obtained (Question 1). Now to each add \N 
NaOH, drop by drop, recording results. Finally, add to each an 
excess (2 or 3 drops) of 6 N NaOH and stir, noting which pre- 
cipitates dissolve completely (Question 2).f 

Heat any of the mixtures containing undissolved precipitate, 
and note any changes in the color and form of the precipitate, 
recording these results in your chart. In every case write the 
formula of the chief product in the space in which the appearance 
of the product is recorded (Question 3). 

Again precipitate the hydroxides of those metals with IN 
NaOH, but this time try to redissolve them in concentrated 
NH 4 OHt (Question 4). 

* Note to Instructor: It is suggested that some of these preliminary experi- 
ments be omitted. The large number described are included to give a 
large choice. 

t When a water-insoluble hydroxide of a metal dissolves m NaOH or KOH, 
the phenomenon indicates that the hydroxide is amphoteric. A number of 
metals have this characteristic An explanation of this behavior will be 
found in the theory portion on p. 146. 

X When the hydroxides or water-insoluble salts of a metal dissolve in 
NH 4 OH, the dissolution is usually due to the formation of ammonia com- 
plexes (see Chap. VIII) with the cation, as NH4OH is too slightly ionized 
to furnish the high concentration of OH~ needed to make an amphoteric 
hydroxide demonstrate its amphoteric nature. In these cases the NH 4 OH 
is furnishing NHj molecules, as illustrated in the equation 

NH4OH NH 3 + H 2 0 
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b. Iodides. On microscope slides place, in separate spots, 
single drops of Hg++ Pb++, Cu++, Bi+++, Cd++, and 8n++ To 
each add 1 drop of O.liV KI solution, and note results.* To any 
that produce precipitates, add an excess (2 or 3 drops) of IN KI 
solution and stir (Question 5). 

2. Mercuric Ion, Hg + +. a. Pass H 2 B through 3 drops of Hg^ *■ 
test solution for about 30 sec., noting any color changes that 
occur. Complete the precipitation; then filter and wash the 
precipitate. Divide the precipitate into three parts, and use in 
the tests that follow: 

b. Test one portion of the HgS to see if it is soluble in ammo- 
nium monosulfide, (NH^aS (see Note 9). 

c. To the second portion of the HgS, add about 5 drops of 
AN HNOs and heat on the steam bath for about 3 min. (Ques- 
tion 6). 

d. To the third portion of the HgS, add 6 drops of freshly 
prepared aqua regiaf (Question 7) and heat on the steam bath 
2 to 3 min. Finally evaporate to dryness, completing the evapo- 
ration on the steam bath. Cool; add 3 drops of water; stir; 
then filter, and use the solution for e. 

e. To 1 drop of the filtrate on a watch glass add l drop of SnCI 2 
solution. To a second drop add 1 drop of 0.1 AT KI solution.]: 

* The precipitate produced by the Ou* f and KI is white, but the solution 
is colored bv free iodine The reaction is 

Cu++ + l--*(h 2 I 2 + I 2 

f When nitric and hydrochloric acids are mixed, as in aqua regia, the 
following reaction occurs: 

HNO, + 3HC1 -> 2H 2 C) + NOC1 + Cl, 

Consequently, if the mixture is used at once on mixing, before the reaction 
is complete and before the chlorine is lost from the solution, it will dissolve 
substances that would resist the reaction of either acid alone 

In dissolving substances such as IlgS, therefore, the nitrate ions, the 
chlorine, and the mtrosyl chloride (NOC1, which readily breaks down to 
form nascent chlorine and NO) all act as oxidizing agents, oxidizing the 
to free sulfur and to sulfate ion. In addition, the ability of Hg ++ to react 
with chloride ions to form HgCl 4 “ aids markedly in drrving the reaction to 
completion 

It will be noted that the reaction of aqua regia on metals or compounds 
of metals produces chlorides of the metals. 

t The nature of these reactions was discussed in connection with the 
study of Hg 2 ++ in Group I. 
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f. To 1 drop of Hg ++ test solution add a clean pellet of copper. 
Note the change in the appearance of the pellet. Wash it care- 
fully; then rub its surface with the thumbnail, and notice the 
formation of tiny silvery droplets of mercury. 

g. To 1 drop of Hg 4 f solution, add 1 drop of IN HCl, and con- 
trast results with those obtained by adding HCl to Hg 2 ++ in 
Group I. Finally, add 1 drop of dilute NH 4 OH to the mixture, 
and note results (Question 8). 

3. Cupric Ion, Cu +f . a. Precipitate CuS by saturating 2 or 
3 drops of 0u 4+ test solution with H 2 S. Filter and wash the 
precipitate; then divide the precipitate into two equal parts. 

Try dissolving 1 part of the precipitate in hot 4 N HN0 3 . To 
the second portion of the CuS precipitate add 5 drops of (NH 4 ) 2 S 
solution, and warm on the steam bath (see Question 9). 

b. To 2 drops of Cu + + test solution add 2 drops of i\N NH 4 OH. 
Then add, drop by drop until the deep blue color just disappears, 
a 3 per cent solution of KCN. ( Caution : KCN is an extremely 
dangerous poison. If added to acid solutions it gives off very 
poisonous fumes of HCN. For this reason it is important that 
every detail in the procedure be checked before KCN is used.) 
Now bubble H 2 S through the solution for a minute.* 

c. To 1 drop of Cu ++ in a test tube, add 1 drop of dilute HCl, 3 
drops of water, and a small pinch of iron filings or a bit of iron 
wire. Heat on a steam bath for 10 or 15 min.; then note the 
appearance of the solid in the bottom of the test tube and the 
change in color of the solution. 

d. To 2 drops of Cu ++ solution add 1 drop of K 4 Fe(CN) 6 
solution. 

* When cyanide ion is added to a solution containing cupric ion, two suc- 
cessive reactions occur. First, the ions combine to form cupric cyanide, 
which is unstable and immediately decomposes to form insoluble cuprous 
cyanide and a very poisonous gas, cyanogen, C 2 N 2 The cuprous cyanide 
then reacts with more cyanide to form the highly soluble, extremely stable 
cuprocyamde ion. The reactions are 

Cu++ + 20N- — Cu(GN) 2 

2Cu(CN) 2 -► Cu 2 (CN) 2 + C 2 N 2 
Cu 2 (CN) 2 + 4CN~ -> 2Cu(CN) 3 " 

As cuprocyanide ions are very stable, their solutions contain few copper 
ions. Consequently, hydrogen sulfide will not precipitate the sulfides of 
copper from solutions of cuprocyanide ions in the presence of excess cyanide 
ions. 
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4. Bismuth Ion, Bi +++ . Bismuth forms a sulfide under the 
same conditions as does copper. Like CuS, Bi 2 S 3 is black 
in color and is soluble in 4A HN0 3 . To save time, only a 
few of the other characteristic reactions of its ions will be tried 
experimentally. 

a. To 1 drop of Bi +++ test solution add 10 drops of water. 
Add G N NH 4 OH, drop by drop, until the solution is basic. Can 
you see any precipitate in the solution? Try to dissolve it by 
adding more NH 4 OH (see Note 12). 

b. To 1 drop of Bi ++f test solution on a filter paper add 1 drop 
of IN NaOH solution and 1 drop of freshly prepared sodium 
stannite solution.* 

c. To compare the action of K 2 Cr0 4 on Bi++ + with its action 
on Pb ++ , to 1 drop of Bi' M + add 1 drop of G N sodium acetate and 
1 drop of 1 N K 2 Cr0 4 solution. Similarly, precipitate some 
PbCr0 4 ; then to both precipitates add 2 drops of G N NaOH, and 
stir. Note whether or not it would be possible to distinguish 
between the two cations by these reactions. 

5. Cadmium Ion, Cd ++ . a. Into 3 drops of Cd+ + tost solution 
pass H 2 S until precipitation is complete. Filter and wash the 
precipitate; then add a mixture of 3 drops of G N H2SO4 and 3 
drops *'f water. Warm on the steam bath for 8 to 10 min.; 
then filter. Dilute the filtrate with twice its volume of water; 
then pass in H 2 S again. 

6. To 1 drop of Cd ++ test solution add 1 drop of Cu ++ test 
solution and 4 drops of water. To this add 2 drops of concen- 
trated NH4OH; then add 3 per cent KCN solution, drop by drop, 
until the blue color of the copper is discharged. Bubble H 2 S 
through this solution for a few seconds. 

c. To a mixture of 1 drop of Cu++, 1 drop of Cd ++ , 1 drop of 
dilute HC1, and 3 drops of water, add a tiny pinch of iron filings 
or a bit of iron wire, and warm on the steam bath for 15 min. 
Filter; then add 2 drops of IN HCi, and pass H 2 S into the solu- 
tion (Question 11). 

* To make sodium stannite, NaHSnCh, solution, adcJ^iNT NaOH drop by 
drop to 2 drops of stannous chloride, SnCh, solution until the gelatinous 
precipitate of Sn(OH) 2 that first forms just dissolves. 

Stannites are powerful reducing agents, and the stannite ion reduces the 
Bi(OH) 3 , forming finely divided bismuth and stannate ion 

Bi(OH), + HSnO a “ Bi° + H a O + SnO,“ 
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6. Arsenous, As +++ , and Arsenic, As +++++ , Ions. a. Pas? 
H 2 S through a mixture of 2 drops of As+ ++++ test solution and 

2 drops of IN HCl until a precipitate forms. Note the length 
of time that it takes. 

To a mixture of 2 drops of As +++++ test solution and 2 drops of 
IN HCl add a small crystal of NHJ; heat to boiling, and pass 
H 2 S through the solution. Note the length of time required 
before a precipitate forms this time (see Note 5). Complete the 
precipitation; then filter and wash the precipitate.* Divide the 
precipitate into two portions. 

To one portion of the precipitate add 5 drops of (NH 4 ) 2 S 
solution (see Note 9) and warm. When solution is complete, 
add GN HC 2 H 3 0 2 , drop by drop until the solution is faintly acid, 
then warm on the steam bath 1 or 2 min. (see Note 16). 

To another portion of the precipitate add 3 to 5 drops of con- 
centrated HCl, and heat on the steam bath. Does the precipi- 
tate dissolve;? 

b. Precipitate some As 2 S 3 by adding H 2 S to a mixture of 2 
drops of As +++ and 1 drop of dilute HCl. Filter; wash the pre- 
cipitate; then dissolve it, with stirring, in 5 drops of dilute 
NH 4 OH and 5 drops of H 2 0 2 . Warm on the steam bath for 2 or 

3 min. to complete the conversion to AsOr 3 ; filter if necessary, 
and divide the filtrate into two parts. 

To one part add 2 drops of freshly filtered magnesia mixture. 
Rub the inside of the container with a stirring rod to overcome 
supersaturation, and let stand 10 or 15 min. Observe results 
against a black background. The fine, white, crystalline pre- 


* Those reactions, which are used in the Group IT precipitation to bring 
down any pentavalent arsenic quickly, are as follows: When NH 4 I is added 
to an acid solution containing As +++++ (or AsO*'), the following reduction 
of the arsenic takes place 

AsOr + 2H+ + 21- -► As0 3 ~ + H 2 0 + I 2 

When H 2 S is passed into the solution, the 1“ is reformed by the reaction 

I 2 + H 2 S -> 2H + + 21- + S° 

and the I~ formed goes through the process again. Consequently, only a 
Very small quantity of NHJ is required for the reduction, even though the 
quantity of As +++++ in the unknown is great. 
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cipitate is MgNH 4 As0 4 .* Make the second portion strongly 
acid with HN0 3 by adding 2 drops of concentrated HN() 3 ; then 
add 6 or 7 drops of ammonium molybdate, and stir. Heat for 15 
min. on the steam bath, and note results. f 

7. Antimony Ion, Sb +++ . a. Pass H 2 S into 2 drops of Sb ++ ^ 
test solution until precipitation is complete. Filter and wash 
the precipitate; then divide it into two parts. 

To one portion of the precipitate add 5 drops of (NII 4 ) 2 S 
solution, and warm on the steam bath. To the solution so 
obtained add ON HC 2 H 3 0 2 , drop by drop, until the solution is 
acid. Warm on the steam bath, and note occurrences. 

To the second portion of precipitate add 5 drops of concen- 
trated HC1, and heat until the precipitate dissolves. Now add 
5 drops of cold water, and pass H 2 S into the mixture for 1 min. 

b. To 1 drop of Sb +++ test solution add 5 drops of water. Now 
try to redissolve the resulting precipitate by adding concen- 
trated HC1. 

c . To 1 drop of Sb +++ add 1 drop of water and a single small 
granule of aluminum. Keep hot on the steam bath until all 
visible reaction ceases. Try to dissolve any residue left in 1 or 
2 drops of HCl, and see if any of the residue fails to do so. The 
residue is finely divided antimony. 

8. Stannous, Sn ++ , and Stannic, Sn ++ ++, Ions. a. Pass H 2 S 
into 2 drops of Sn ++ test solution until precipitation is complete. 

* Sometimes a floceuleiit or gelatinous white precipitate is obtained 
instead of the fine crystalline precipitate This is Mg(OH) 2 , which forms 
when the concentration of NH 4 OH is too great or that of Nll^-l in the 
magnesia mixture is too low. If the precipitate is not definitely fine and 
crystalline, acidify the whole mixture with HOI, filter, then make the solution 
basic with NH 4 OH again. On standing, the right kind of precipitate will 
form if As 0 4 ^ is present. 

f Both the magnesia-mixture test and the molybdate test are given by 
phosphates as well as by arsenates If the analytical separation has been 
clean-cut, however, phosphates will not be present at the tune this test is 
made for arsenic. 

When ammonium molybdate is used as a reagent for arsenates or 
phosphates, a large excess of the reagent must be i^d, as otherwise the 
products that form are soluble in the HN0 3 solution 

When arsenates and phosphates are absent, a dirty white precipitate 
of molybdic acid, H 2 Mo0 4 , is frequently obtained. Only yellow precipitates 
should be accepted as positive tests for these ions, therefore, when ammonium 
molybdate is used as the reagent. 
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Filter and wash the precipitate; then divide it into two portions. 

Try dissolving one portion of the precipitate in 4 or 5 drops of 
(NH 4 ) 2 S solution. 

To the second portion of SnS add 5 drops of concentrated HC1, 
and warm to see if the precipitate will dissolve. 

b. Pass H 2 S into 2 drops of Sn ++ * f+ test solution. Filter and 
wash the precipitate; then divide it into two parts. 

Test the solubility of one part in hot (NH 4 ) 2 S, and contrast 
the results with those obtained with the SnS above. 

Dissolve the remainder of the SnS 2 precipitate in 10 drops of 
concentrated HC1. To this solution add the smallest possible 
granule of zinc. Heat until all the zinc is dissolved; then to half 
of the solution add a drop of HgCl 2 solution.* To the other half 
of the solution add 1 drop of gold (auric) chloride (AuCU), and 
note results. Colloidal gold is formed and is responsible for the 
color observed. 

Compare these results with those obtained by mixing 1 drop 
of Sn 4 + test solution, 10 drops of water, and 1 drop of AuCU 
solution. 

c. To 1 drop of Sn + solution add 2 or 3 drops of H 2 O 2 . Pass 
H 2 S into the mixture, and note by the color whether the precipi- 
tate produced is SnS or SnS 2 (see Note 1). 

Analytical Aspects 

The cations in this group consist of those whose sulfides can 
be precipitated by H 2 S from solutions whose acidity corresponds 
to that of 0.3 N HC1. The conditions of acidity are critical, as 
some of the members of this group — notably tin and cadmium — 
are somewhat soluble in solutions whose acidity is only slightly 
greater than this whereas some of the members of Group III, 
especially zinc, give sulfide precipitates from solutions that are 
only slightly less acid. In fact, if the concentration of Zn ++ in 
the unknown is moderately great, some ZnS will precipitate even 
from the 0.3 N HC1 solution. 


* The function of the zinc and HC1 is to reduce Sn+ +++ to Sn ++ , as Sn +++f 
does not have reducing properties. 

The reduction of HgCl 2 to insoluble Hg 2 01 2 then to black Hg° was used 
earlier in testing for mercury (which sec). In that case, the reagent was a 
known solution of SnCl 2 . In this case, the reagent is HgCl 2 which is to be 
used in testing for Sn ++ . 
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The large number of cations in Group II makes it advisable to 
separate this group into smaller subgroups to make the chances 
of mutual interference less. This is done by taking advantage of 
the fact that only the sulfides of arsenic, antimony, and stannic 
ions are soluble in ammonium morosulfide, (NHt^S, solution. 
These three elements constitute the tin group; the other elements 
are known as the copper group . 

Lead is considered in this group as well as in Group I because 
its chloride is not extremely insoluble (at 20°C., 100 g. of water 
will dissolve about 1 g. of Pb(-1 2 ). Consequently, some lead will 
always slip through into Group II; and if the concentration of 
lead is low in the unknown, the lead may be missed entirely in 
Group I. The Group II analysis for lead is much more sensitive 
than is the Group I analysis. 

Grouf II Analysis 

Use the filtrate from the Group I precipitate (or, if a Group II unknown, 
take 1 ml. of the solution issued to you). Add 7 or 8 drops of Il 2 ()> to the 
solution (Note 1). Evaporate the solution barely to dryness, add 5 or 0 
drops of concentrated II Cl to the residue, and evaporate again very cat cfully 
(see Notes 2 and 3). Cool , add 1 drop of cone HCl, and tilt and rotate the 
test tube until the residue is moistened with the acid. Add 40 drops of water 
and stir. Pass II 2 S into the solution until precipitation is complete (see 
Note 4). Add 2 or 3 small crystals of NH 4 I (see Note 5), heat to boiling, 
and again pass in II 2 S. Cool; complete the saturation ; then filter (see Notes 
6 and 7). Wash the precipitate with IN NH4NO3 soln. through which I1 2 S 
has been passed for 1 or 2 mm. (see Note 8 ). 


Filtrate. Make strongly acid with 
HCl, and boil to half its volume 
to remove H 2 S. Save for 
Groups III, IV, and V. 


I Precipitate. Contains sulfides of all 

Group II metals. Add 10 drops 

(NH 4 ) 2 S soln. (see Note 9), and heat 

on the steam bath for 1 or 2 nun. with 

stirring. Filter, saving both the fil- 
trate and precipitate. Repeat the treatment of the precipitate with suc- 
cessive portions of hot (NH 4 LS until no more precipitate seems to dissolve. 
Combine the filtrates. Wash the precipitate twice with IN NH4NO3 soln. 
saturated with H 2 S, discarding the second wash liquid. 


Filtrate. Contains members of 
Group III? as thio ions ASS 3 ”, 
SbSa I * * * 5 *, and SnS 3 “. Treat as de- 
scribed for the subgroup. 


Precipitate. Contains sulfides of 
Group II A metals. Treat as de- 
scribed for this subgroup. 
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Group II A Analysis 


To the precipitate from the subgroup separation add 10 drops of 4N 
HNO3, and heat almost to boiling. Keep the mixture hot for 2 or 3 min., 
stirring continuously; then filter. If much precipitate is left, repeat the 
treatment, combining the filtrates; then wash the precipitate with water. 


Filtrate. Contains Pb f+ , Bi +++ , Cu ++ , and Cd ++ . 
Add 3 drops of cone. H2SO4, and evaporate over a 
micro flame until very dense white fumes appear 
and only 2 or 3 drops of liquid remain (see Note 
10). Cool; then add 1 ml. of cold water, and stir. 
Let stand 30 to 60 sec. • then filter. Wash the pre- 
cipitate twice with cold water (see Note 11). 


Filtrate. Contains Bi +++ , Cu ++ , 
and Cd ++ . Add an excess of 6 N 
NH4OH; stir; then filter even if 
no precipitate is visible (see 
Note 12). Wash anv precipi- 
tate with dilute NH 4 0h. 


Filtrate. 

Contains Cu- 
(NH 3 ) 4 + + and 
Cd(NH«) 4 ++ 
BLUE COLOR 
indicates Cu ++ 
present. 

To 1 drop of the 
filtrate add 1 
drop 6 N HC 2 - 
H 8 0 2 and 1 
drop of K*Fe- 
(CN)b soln. 
RED PPT. 
confirms Cu ++ . 


Evaporate the 
remainder of 
the filtrate to 
one-third its 
volume, and 
filter if neces- 
sary. Cool 


*/ 

Precipitate. 

Bi(OH) 3 [and 
possibly traces 
of Pb(OH)J. 
Dissolve in 5 or 
6 drops 2N 
HC1. To 2 
drops of the 
solution on fil- 
ter paper add 1 
drop of dil. 
NaOH and 2 
drops of freshly 
prepared so- 
dium stannite 
soln. (see foot- 
note, page 221). 
BLACK COLO- 
RATION indi- 
cates Bi +++ pres- 
ent (see Note 
13). 


Precipitate. 

PbS0 4 (possi- 
bly some basic 
bismuth sul- 
fate). Add 10 
drops of 6N 
a m m oniu m 
acetate and 
heat almost to 
boiling. Fil- 
ter, then to the 
filtrate add 1 
drop K 2 Cr0 4 
soln. 

YELLOW PPT. 
indicates Pb ++ . 
Confirm by fil- 
tering and add- 
ing excess 6 N 
N aOH to the 
precipitate. 
PRECIPITATE 
DISSOLVING 
confirms Pb ++ . 


Precipitate. Contains 
sulfur and/or HgS. 
Add 3 drops of cone. 
HN0 3 and 9 drops of 
cone. HC1, warm on 
the steam bath with 
stirring 2 or 3 min. 
Then evaporate to 
dryness (see Note 
15), removing the 
last 2 or 3 drops of 
liquid by heating on 
the steam bath. 
Dissolve the residue 
in 6 to 8 drops of 
water. Filter, and 
use the filtrate as 
follows : 


To 3 drops add 1 drop 
of S11CI2 soln. 
WHITE or GRAY 
PPT. 

indicates Hg ++ pres- 
ent. 


To the remainder of 
the filtrate add a 
freshly polished bit of 
metallic copper and 
let stand 5 to 10 min. 
GRAY or SILVERY 
deposit 

on the copper con- 
firms Hg ++ . 


the filtrate; then test for Cd ++ . If Cu ++ was present, add KCN soln. 
{Caution: KCN is exceedingly poisonous and must be handled with great 
care) drop by drop until the blue color of Cu(NH 3 ) 4 ++ disappears; then add 3 
or 4 drops in excess. If no Cu ++ was present, proceed without using KCN. 
Pass in H 2 S for 2 to 3 min., noting the color of any precipitate that forms. 

yelLow PPT. 


indicates Cd ++ (see Note 14). 
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Group IIB Analysis 


To the filtrate from the subgroup separation, add dil. HC 2 H 3 0 2 until it is 
just definitely acid (see Note 16) Heat for 2 or 3 min. on the steam bath; 
then filter, and wash the precipitate with NH<NtVH 2 S soln. (see Note 17). 


Filtrate. 

Discard. 


Precipitate. As 2 S 3 , Sb 2 S 3 , and SnS 2 . Add 10 drops cone. 1101; 
warm on the steam bath, and stir for 1 min. Oool, and add 
2 drops water. Filter, and wash the precipitate with 6A r HOI. 


Filtrate. Contains Sb + * + and Sn + f ++ . To 2 
drops of the liquid add 2 drops ( exactly ) of 
water, and saturate with II 2 S. 

ORANGE PIT. 

indicates Sb present (see Note 18). 


To the remainder of the filtrate m a 100-mm. 
test tube, add 10 drops of water and 2 to 3 
small aluminum filings. Suspend a 75-mm 
test tube two-thirds full of cold water in 
the larger test tube to act as a condenser. 
Heat the mixture gently keeping it just hot 
enough to promote rapid reaction. Con- 
tinue until all the aluminum has dissolved, 
adding 2 or 3 drops cone. HC1, if necessary 
Examine the bottom of the large test tube 
carefully. 

FINE BLACK PPT. 

that is insoluble in HC1 confirms antimony. 


Filter the solution from the A1 reduction, and 
divide the filtrate into two equal parts. 
Neutralize one part with dil. NH 4 0H, then 
make it slightly acid with 1 N HC1. Add 2 
or 3 drops of H 2 0 2 , stir, then saturate with 
H 2 S. 

YELLOW PPT. 

indicates tin. 


On the remainder of the solution repeat the 
reduction with aluminum (see Note 19). 
Add more cone. HC1 if reaction slows too 
much, and keep the mixture hot. When 
all reaction has ceased , divide the solution 
into two parts. To one part add 1 drop of 
HgCl 2 solution. 

WHITE or GRAY PPT. 
confirms Sn (see Note 20). 


Precipitate. As 2 S 3 and/or 
sulfur. To the procipitato 
add 7 or 8 drops of 6Y NH 4 - 
OH and an equal volume of 
3 per cent H 2 0 2 . Warm on 
the steam bath with stirring 
for 2 or 3 mm. Filter if 
necessary; then divide the 
filtrate into two equal parts. 

Evaporate one portion of the 
solution almost to dryness. 
Add 2 or 3 drops of water, 
about 8 drops of cone. 
HNO3, and 6 or 8 drops of 
ammonium molybdate solu- 
tion. Warm on the steam 
bath, with frequent stirring, 
for 10 to 15 min. 

FINE YELLOW PPT. 
indicates arsenic present (see 
footnote, page 223). 


To the second portion of solu- 
tion, add 2 or 3 drops of 
saturated NH4OI and 2 or 3 
drops of MgCl 2 soln. Place 
on steam bath, and heat 
for 10 to 15 min., stirring 
f requently . 

FINE WHITE PPT. 
indicates arsenic present (see 
footnqte, page 223). 
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Questions on Preliminary Experiments 

1. Which of the metals of Group II form water-insoluble hydroxides? 
Which do not? 

2 . What is meant by the term amphoteric hydroxide ? The hydroxides of 
which metals of Group II are amphoteric? Illustrate by equations. 

3. What can you say as to the thermal stability of the hydroxides of the 
Group II metals? What usually is produced when the unstable hydroxides 
are heated? 

4 . Which metals of Group II form ammonia complexes? Illustrate by 
equations the formation of these complexes. 

5. The dissolving of a water-insoluble iodide in excess KI or Nal indicates 
that the metal is capable of forming what kind of ion with iodide ion? 
Would the metal be expected to form similar ions with chlorides or bromides? 
Illustrate these answers with equations 

6. Would you classify 4iV IINO d as being a poor or a good solvent for HgS? 

7 . Why is it necessary ^o prepare aqua regia fresh at the time it is needed 
rather than keep a stock supply of the mixture? Illustrate your answer by 
equations. 

8. Could you distinguish between Hg 2 ++ and Hg 4+ by the tests described 
in Preliminary Experiment 2 g? Explain. 

9. Do HgS and CuS dissolve in (NHO 2 S? Which of the other members 
of the group behave similarly? Which of these cations form sulfides which 
are soluble in (NII 4 ) 2 S? (See Note 16.) 

10 . How could the properties described in Question 9 be used to separate 
Group II metals into subgroups? Illustrate by typical equations. 

11 . What is the nature of the deposit that forms when iron is placed in the 
Cu ++ — Cd ++ mixture? What is the precipitate that forms with the H 2 S? 

12 . What is the color and the formula of the sulfide of each cation in 
Group II? What valences may each of these metals exhibit? 

13 . The salts of which metals in Group II hydrolyze to form insoluble 
compounds? What is the formula of the compound produced in each case? 

Notes 

1. It is necessary to oxidize any Sn ++ present to the Sn ++++ state, as 
otherwise the subgroup separation, which employs (NH^S to dissolve the 
sulfides of arsenic, antimony, and tin, will not work for the tin. SnS is not 
significantly soluble in (NHdaS reagent. 

2. One purpose of this evaporation is to destroy any oxidizing agents 
such as HNOa, nitrates, etc. If this is not done, the oxidizing agents will 
attack the H 2 S, for H 2 S is a powerful reducing agent (see page 105) as is 
illustrated by the equation 

NOr + H 2 S -> NO + 2H 2 0 + 2S 

This destruction of the S“ not only interferes with the precipitation of the 
sulfides of Group II but also produces a large quantity of sulfur, which 
interferes with the action of some of the reagents used later. 
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The other purpose of the evaporation is to remove any excess acid so that 
the addition of 1 drop of concentrated HOI and 40 drops of water will pro- 
duce a solution whose acidity is close to that of 0.3iV HOI. 

3 The last few drops of liquid should always be evaporated on the steam 
bath If the residue is heated by direct flame theie is danger (a) that 
volatile substances like AsOl* and HgC'la will be lost by vaporization and ( b ) 
that the hydrolysis of some of the salts will produce oxides, many of which, 
on being heated, change to forms not readily soluble m acids. Such insoluble 
residues would then be found mixed with the sulfides of Group II; and the 
net result would be to weaken the tests for many metals and to cause 
marked interference with the tests for the members of Group II. One 
troublesome example is iron, the aqueous solution of whose chloride yields, 
on being evaporated to dryness, the following products: 

2 Fed 3 + 3II 2 0 -> Fe 2 0 3 + 611(1 

the reaction going to completion because the HG1 is lost by evaporation. 

Partial hydrolysis of the chlorides of such metals as bismuth or antimony 
to form basic salts may occur even when the evaporation is performed 
properly. The products of the hydrolysis are white, in such cases; and 
though they are insoluble m the O.SN HG1 medium used m the precipitation, 
their presence need not woiry the student. It is necessary only to continue 
adding H*S until the sulfide precipitate contains no visible flecks of white 
and until the precipitation is otherwise complete. 

4. It is essential that the precipitation with 1I 2 S be complete before 
adding the next reagent, NHJ. There are a number of reasons for this, 
but the most important is the fact that if any lead is present and this lead 
is not changed to the sulfide before the iodide is added, load iodide will be 
formed. The lead iodide is exceedingly difficult to change to the sulfide 
and, unless it is so changed, does not follow cleanly the outlined procedure. 

5. The precipitation of As 2 S 6 from solutions of arsenic ion, As -1 M M , by 
means of hydrogen sulfide is very slow except in hot strongly acid solu- 
tions. High acidity is prohibited in this separation, as the sulfides of some 
of the other Group II metals would not precipitate m highly acid solutions. 
Therefore, use is made of the fact that arsenious sulfide is easily precipitated 
from solutions of arsenious ion, arsenic ion being reduced by NHJ to the 
arsenious state and them the II 2 S being addl'd. 

6. If much precipitate forms, filter, saving both the filtrate and the 
precipitate Dilute the filtrate with an equal volume of water; then pass 
m a slow stream of II 2 S for at least 3 min. If any yellow precipitate* forms, 
continue until precipitation is complete; then filter and combine the pre- 
cipitate with the first obtained. If a dark or white precipitate forms instead 
of the yellow, discontinue the precipitation and, without filtering, add 5 or 6 
drops of concentrated HC1. Boil to half its volu*K5 as described under 
Filtrate, and save the mixture for Group III. 

The reason for this dilution and precipitation is that during the original 
precipitation the acidity of the solution is increa ;ed by reactions such as 


CuCl 2 + H 2 S - CuS + 2HC1 
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Consequently, the more soluble sulfides, such as those of cadmium and tin, 
may not precipitate completely unless the acidity is reduced by dilution. 

7. Much information can be gleaned by observing the appearance of the 
mixture during various stages of the precipitation of the Group II sulfides. 
No precipitate, of course, means that these metals are all absent. A yellow 
precipitate, forming immediately upon adding H2S to the solution after 
treatment with NH 4 I, indicates the probable presence of As' ,+++ . 

These indications cannot be taken as tests for these 1011s, but their appear- 
ance often serves as a warning of something having gone wrong, if the test 
for the element does not appear later. 

8. The sulfides of some metals (e g , cadmium, arsenic, cobalt, and nickel) 
peptize readily, 1 e , pass from the precipitated to the colloidal form Others 
that are of only moderately low solubility ( e.g , cadmium and tin) partly 
redissolve in water. The wash solution described here opposes both these 
tendencies, the ions of the NH 4 NOd tending to neutralize the charges on the 
colloidal particle's *uid the S~ from the H 2 S opposing the dissolving of the 
sulfides, by means of the common ion effect. 

As is usual, the first wash solution should be added to the filtrate in order 
to reduce loss of the metals of later groups. 

9. If (NHOaS is not available, the reagent may be made by passing a 
rapid stream of IGS through 1 ml. of dilute NH 4 OH tor 2 or 3 min 

The reagent loses strength rapidly and must be kept tightly stoppered 
and away from light. Unless kept in moderately large quantities, it should 
not be used more than one day after it is prepared; and even then it should 
be prepared fresh at least once each week. 

10. The evaporation with 1I 2 S0 4 drives off HNCh in which PbS() 4 is appre- 
ciably soluble and forms Pb(HS0 4 ) 2 . The end point of the evaporation is 
indicated by the evolution of dense white fumes of SO3 Some whitish 
fumes of steam and HNO,i appear earlier and must not be confused with the 
SO3, or the precipitation of PbS() 4 , on dilution with water, will be incomplete. 

11. This mixture must not be allowed to stand, after dilution, for more 

than 2 min , or the danger of a white precipitate of basic bismuth sulfate 
forming will be increased. The bismuth salt, if it appears, will give all the 
tests for lead except th*it the chromate formed with the bismuth will not 
diss olve in NaOH . — *•* 

12. The hydroxide of bismuth is very transparent and gelatinous; and 
particularly if copper is present, the precipitate is often difficult to see. 

13. An excellent confirmation test for Bi 4++ is performed by adding to 
the remainder of the II Cl solution 1 drop of cinchonine reagent. An orange 
precipitate will be obtained if as much as 0.00014 mg. of bismuth is present. 

14. To cheek the test for cadmium the precipitate may be filtered, washed, 
and heated with a mixture of 5 drops of 6 N H 2 S0 4 and 5 drops of water for 
3 or 4 min. Filter ard discard any residue. Neutralize the filtrate, then 
acidify slightly with 6A HO2H3O2. Use this solution for one of the Auxil- 
iary Tests for cadmium (the thiosinamme test is recommended), or saturate 
it with H>S to obtain a precipitate of CdS again. 

This procedure is especially recommended when the precipitate obtained 
in the first test is dark in color. The dark color is due to the presence of 



GROUP II METALS 


231 


sulfides of the other metals which often slip through in traces and cause 
trouble at this point. The sulfides of these metals are not soluble m dilute 
H 2 SO 4 , however. 

15. The mercuric chloride formed by the treatment of HgS with aqua 
icgia is readily lost by sublimation unless the evaporation is perfoimed with 
care. 

16. When the sulfides of arsenic, antimony, or tin dissolve 111 (N IIJjS, 
the S - from the latter reacts with the sulfides to foim thio ions, as illus- 
trated by the equation 

AssHi + 38" ^ 2AsSj 1 

If the resulting solution is acflfhfied weakly, the following type reaction 
occurs 

2AsS s -f H + As >S, + 3II a S 

The II>S is only moderately^ fi ofoftd e. and its solubility is decieased by 
warming, consequently, tJii/equilmrium sliown is shn^ted to the right bv 
heating, and the sulfides precipitate. ^ 

It is advisable to practice v r ritmg the equationsjfo^ the reactions of the 
other sulfides, showing these steps. 

17. If the precipitate refuses to settle or is very pale yellow (almost 
white), it is probably sulfur and the members of the tin group may be con- 
sidered absent 

18. A yellow precipitate forming here aft<*r some time may be considered 
an indication of the presence of tin It is probably stannic sulfide, which 
will precipitate under these conditions if tin is piesent in huge concentration 

19. This second reduction with aluminum is usually necessary to insure 
proper reduction of the stannic 1011 to stannous 1011 . This is especially true 
if antimony is present, since the aluminum will reduce the aiffimony to the 
metallic state instead of reducing the tin. 

20. Other confirmation tests for tin may be performed, using the other 
half of the solution from the second 1 eduction If a drop of a 0 05 per cpnt 
solution of auric (gold) chloride is added to 2 or 3 drops of the filtrate, a 
dirty green, purple, or black colloid of metallic gold will form If a drop of 
eacothcline reagent is used instead of the auric chloride, a violet coloration 
will be produced if even a trace of Sn ++ is present 

Questions on Analysis of Group II 

1. Write equations for the reactions undergone by each cation during 
the precipitation of the Group II cations. 

2 . What is the function of each of the following m the precipitation of the 
Group II cations: (a) NHJ, ( b ) the double evaporation, (c) the NH 4 NO 8 in 
the wash solution, (d) the H 2 S in the wash solution? 

3 . Why is it necessary to get rid of any HNO a or nitrates before precipi- 
tating with H 2 S? 

4 . Why is it necessary to be so careful about the acid concentration in 
starting this separation? 
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6 . Give at least one solvent for each of the following compounds of each 
metal m Group II: (a) nitrate, (6) chloride, (c) sulfate, (d) carbonate 

6 . Write the equations for the dissolving of As 2 S 3 , Sb 2 S 3 , and SnS 2 in 
(NH 4 ) 2 S; also for the reprecipitation of these sulfides from this solution. 

7. What is the basis of the separation of Ilg from the rest of the Group 
ILA metals? 

8. What substances in aqua regia are responsible for its ability to dissolve 
highly insoluble compounds of mercury? Explain. 

8 . What reactions are used in getting the final test for Hg? Give equa- 
tions for these reactions. 

10. What is the basis for the separation of Bi from Cu and Cd? 

11. Explain the reactions involved in getting the final Bi test. 

12. In the separation of Ou 1 '*' and Cd ++ m testing for the latter, what pro- 
cedure is used? Give equations showing why this separation works 

13. In case Cu is absent what difference is made in the procedure? 

14. What is the basis for the separation of arsenic; from antimony and tin? 

Equations for Group II Analysis* 

Hg ++ +S“— > HgS 

HgS + H+ + N0 3 - 4- 01” -* HgCl 2 + H 2 0 + NO + S 
HgCl 2 + Sn01 2 -> Hg 2 Gl 2 + SnCl 4 
Hg 2 Cl 2 + SnCl 2 -> Iig° + SnOl 4 


Bi+++ + S- -> Bi 2 S 3 

Bi 2 S 3 + H+ + NO s - Bi +++ + NO + S + H 2 0 
Bi +++ + OH~ Bi(OH) 3 
Bi(OH)t 4- IISn0 2 ” Bi° 4- H 2 0 4- SnOr 


Cu ++ + S- 
CuS 4- H f 4- N0 3 ~ 
Cu ++ 4- OH” 
Cu ++ 4- NH4OH (excess) 
Cu(NH 3 ) 4 ++ 4- H + 
Ou ++ 4- Fe(CN)<r 
Ou(NH 3 )4 ++ 4- ON- (excess) 
Cu(CN) 3 ~ 4- H,S 


CuS 

Ou ++ 4- H 2 0 4- NO 4- S 
Cu(OH) 2 

Cu(NH 3 ) 4 ++ 4- H,0 
Cu ++ + NII 4 + 
Cu 2 Fe(CN)b 

Cu(CN)r 4- NH 3 4- C 2 N 
no reaction 


Cd ++ — all reactions are similar to those of copper except the following: 

Cd ++ + Fe(CN).« -> Cd 2 Fe(CN)« 

Cd(NH 3 ) 4 ++ 4- ON" -> Cd(ON) - 4- NH 3 
Cd(CN) 4 - 4- H 2 S CdS 4- ON” 4- H+ 


* * The student should balance each of these for practice, indicating precipi- 

tates by ( i ) and gases by ( T ). Also indicate the colors of any products. 



GROUP III METALS 


233 


As 4++++ + I" — » As t++ + It 
As +++ + S - — * As 2 S 2 
As 2 S» + S“ (from (NH,)^) -♦ AuSr 

AsSj’ -f- H + — ♦ As 2 S 2 “I - H 2 S 
2 VsiS 2 + H + — > no reaction 

A S2 S 2 + NH.OH + H 2 0 2 -* AsO," + NH, + + 1I 2 0 + SO,' 
AsO," + Mg +I " + Niv -> MgNH,AsO, 

As 0 4 " -f* Ag + — * AgsAsO, 


si) t( + + S" — » Sb 2 S 2 
Sb 2 S 2 + II + -* Sb+++ + HtS 
Sb 2 S 3 + S' -► SbS 2 “ 

SbS 2 ' + H + -> Sb 2 S 2 + H 2 S 
SI)-* l+ + A1 — » Sb° + Al*' f 


SiV" t + t ' + S” — > SnS 2 
SnS 2 -(- S" — > SnS 2 “ 

SnSa - + H+ (dilute) SnS 2 + H 2 S 

SnS 2 + H+ -> Sn*' + ' ,+ + H 2 S 
Sn f+++ + A1 (+ H+) -> Sn++ + Al+' ,+ 

Sn <+ + IlgCl, — Hg 2 Cl 2 + Sn^ 1 1 + + Cl 
8n M + IIg.(U 2 -> IIg° + Sn +I " + <‘l- 
Sn 1 *■ + AuCU — >• Sn " ++ + Au° + C 1“ 

GROUP III METALS 

Chemical Chakacteuistics * 

Iron. Iron is a gray metal, having a melting point of lf)35°C., a boiling 
point of 3000° 0 , and a density of 7 SO. It is a moderately active metal, 
reacting rapidly at high temperatures with oxygen, to form Fc/) 4 ; with 
sulfur, to form FeS, and with steam, to form Fej() 4 and hydrogen. It dis- 
solves readily in HC1, II 2 S0 4 , or dilute IIN0 3 . (told concentrated, or 
fuming HN0 3 , however, changes pure iron to the “passive” state — a condi- 
tion in which it will not show any of the usual reactions of iron.f 

Compounds of Iron. Iron forms ferrous (Fe 4 and ferric (Fe 4 ' 4+ ) com- 
pounds. The former may be readily oxidized to the ferric state by oxygen, 
bromine, chlorine, and other oxidizing agents. Many of the ferric com- 
pounds important in analysis are less soluble than the corresponding ferrous 
compounds, and most of the reactions used in identifying iron are those 
characteristic of Fe +++ , since the analytical procedure used involves oxida- 
tion previous to the tests for iron. 

* For other typical reactions that have application to analysis, sec the 
section on Auxiliary Tests. 

t It is believed that the HN0 3 forms a thin, unstable film of oxide on the 
surface of the iron and that this protects the iron from any reagents that 
may be applied. This film is destroyed by heating, scratching, or striking 
the iron sharply. 
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Ferrous Compounds. From solutions containing ferrous ion: 

NIIiQIf and alkalies precipitate Fe(OII) 2 , white,* insoluble in water 
or excess alkali, but soluble in high concentrations of ammonium salts and 
m acids. Fe(OH) 2 quickly oxidizes to Fe(OH) 3 m the presence of air or 
other oxidizing agents such as H2O2 or Na 2 0 2 . 

II 2S or (NJIDzS precipitates FeS from neutral solutions or more quickly 
from alkaline solutions of ferrous ion. FeS is black, insoluble m water or 
alkalies, but soluble in quite dilute acids. 

Soluble carbonates precipitate FeOOa, white at first but turning green 
on standing, soluble* in acids. 

Alkali cyanides such as K(\N precipitate yellowish Fe(CNh, soluble in 
excess cyanide [forming Fe(ON)«~] and in acids. 

Potassium Jen icyanide, precipitates blue Ke 3 [Fe(CN) fc ]2 (TurnbulPs blue). 

Potassium fenocyamde , K 4 Fe(ON)«, precipitates white Fe 2 Fe(CN)a 
(usually tinged blue, owing to the fact that air oxidation causes small 
amounts ot Prussian blue, Fe 4 [Fo(CN)b] 4 , to form) 

Thiocyanates give no perceptible reaction with Fe + f . 

Dimethylglycxime gives a red coloration which slowly fades as the Fo^ 
is oxidized by air to the ferric state*. 

Ferric Compounds. From solutions containing Fe ,+ -*: 

NHiOlf and alkalies precipitate red-brown Fe(OH) 3 , even less soluble in 
water than is Fc(OH) 2 and insoluble in alkalies or in solutions of ammonium 
salts, soluble in acids. 

II vS or (NIIJ)zS precipitates a mixture of sultur and FeS, the sulfide fiist 
reducing the Fe +++ to Fe ++ 10ns. 

Soluble carbonates give a precipitate of a basic ferrir carbonate , decomposed, 
by boiling, into Fo(OH)*. 

Disod nun phosphate precipitates brown FeP0 4 , soluble in mineral acids. 

Potassium iodide reduces Fe f4+ to Fe' H ' with liberation of free iodine. 

Potassium fenicyanide, K 3 Fo(( -N)«, gives a brown coloration but no 
precipitate. 

Potassium ferrocyanide , K 4 Fe(CN) h , gives a dark blue precipitate of 
Fe 4 [Fe(CN)h]a (Prussian blue). 

KSCN gives no precipitate but yields a deep red color with solutions con- 
taining IV H *, owing to the formation of Fe(SCN) b ".t 


* As usually precipitated, Fe(OH) 2 has a greenish color. This is due 
to the fact that it is very difficult to prepare or keep ferrous salts free of 
ferric compounds. The trace cf Fe(OH) 3 that precipitates colors the 
Fe(OH) 2 . It will be found that other ferrous compounds, as ordinarily 
precipitated, exhibit similar anomalies. 

f The color does not form if fluorides, phosphates, oxalates, or tartrates 
are present, as these form very stable complex 10ns with the iron. If the 
cold solution is made acid with nitric acid, however, the test may be used 
successfully. 
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Acetates precipitate red-brown Fe(OH ) 2 ((blLOj) from hot solutions of 
Fc * 4 + ions. 

Aluminum. Aluminum is a silvery, rather soft metal, having a density 
of 2 7, a melting point of 648°C , and a boiling point of 1S(X) C It is verv 
active, but owing to the presence of a protective film of oxide that quickly 
forms on its surface, it is not appreciably attacked bv oxygen oi moisture 
at ordinary tempeiatures. The metal dissolves readily m 1101, m dilute 
H 2 SO*, or in solutions of alkalies (forming A10 2 ~ and hydrogen), but it is 
unaffected by IlXOa.* 

Compounds of Aluminum. The salts of aluminum hydrolyze quite 
extensively when in aqueous solution, many of them piecipitatmg Al(OIl) 2 . 

Active bases or ammonium hydioxide give, with solutions of Al 1 1 Al(OHh, 
a colorless gelatinous piecipitate, insoluble in water, in excess XII4OII, or 111 
acetic acid, soluble in excess NaOH or KOHf (forming aluminate, A10 2 ) 
and in mineral acids. 

Ammonium suljide precipitates no Al 2 Si, as this compound is unstable 
in aqueous solutions and hydrolyzes completely. The pioduct, therefore, 
is Al(OH ) 3 

Carbonates precipitate Al(OII)a just as does (NHj) 2 S 

Phosphates piecipitate AIPO 4 , white, soluble in active bases 01 in mineral 
acids 

Acetates pioduce no precipitate with cold solutions of Al Mf , but with 
hot solutions a white basic acetate, Al(OH) 2 (( ’ 2 H j0 2 ), is precipitated. This 
compound is readily soluble in acids and alkalies. 

Certain dyes , such as aluminon (the ammonium salt of aui in tricarboxylic 
acid) and alizann , form characteristic colored “lakes” with Al(()Il)j. It is 
probable that the dyes are adsorbed by the gelatinous precipitate of Al(Oll) *. 

Chromium. ( -hroinium is a silvery, rather bi it tie metal, having a melting 
point of 1G15°C and a density of G 92. It dissolves in IIC1, dilute HgSO* 
or alkalies, but, like aluminum, is not dissolved by nitric acid. It is very 
similar to aluminum in many respects but differs in that chromium exhibits 
many different valences. 


* As in the case of iron, this phenomenon is usually attributed to the 
formation of a protective film of oxide. HC 1 readily destroys this film. 

f It will be recalled that the hydroxides of some metals have weakly 
acidic, as well as basic, characteristics. For example, Al(OH) 3 , ('r(OH)j, 
and Zn(OH ) 2 react, 111 solutions having a high concentration of OH”, as if 
they were very weak acids. This behavior is better illustrated if one writes 
the formulas of these hydroxides as HA10 2 H 2 0, II( ’rO - 2 II 2 0, and H HZn0 2 . 
Thus, if the hydroxides of these metals are treated with excess NaOII or 
KOH, the following reactions occur— just as if the hydroxides were acids: 

HA10 2 H 2 0 + OH- A10 2 - + 2H 2 0 
H0r0 2 II 2 0 + OH” CrOr + 2H 2 0 
H 2 Zn0 2 + OH” IIZn0 2 - + H 2 0 

For a more complete discussion see this subject in Chap. VII f. 
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Compounds of Chromium. Although chromium forms compounds 
corresponding to the oxides, CYO, Cr 2 0 3 , 0r0 2 , and 0r0 3 , the most common 
are those formed from Cr 2 0 3 and (>0 3 . The oxides CrO and 0*0* are 
basic anhydrides, though Cr 2 () 4 is also somewhat amphoteric. Cr0 3 is an 
acidic oxide dissolving 111 water to form chromic acid, H 2 0r0 4 . Its normal 
salts are the chromates; its acid salts are the dichromates. The chromous 
salts (salts of CrO) are strong reducing agents, reacting readily with oxygen 
and other oxidizing agents to give chromic, Or ++ f , ion. 

Chromic Compounds. With N 11*011 , (NIID 2 S (or IhS and NH 4 OH), 
alkalies, and carbonates , chromic salts give a precipitate of Cr(OH) 3 , green; 
slightly soluble in excess NH 4 OH, especially if ammonium salts are present; 
readily soluble in excess alkali (forming chromite, Cr0 2 ~, ion) and m acids. 

Alkaline solutions of chromites are oxidized to chromates (Cr0 4 ”) by addi- 
tion of Na 2 0 2 , NaCIO, Br 2 , or Cl*. 

Acid solutions of chromic ion maj' be oxidized to form dichromate ion by 
use of strong oxidizing agents such as hot HN0 3 and/or NaCIO* or KC10 3 . 

Fusion of chromic compounds with Na 2 ( 1 0 2 and oxidizing agents (such as 
Na 2 0 2 , KC1() 3 , or KNO 3 ) converts the chromic compounds to Na 2 Cr0 4 . 

Soluble phosphates such as Na 2 HP0 4 give a greenish precipitate of CiP0 4 , 
soluble in acetic acid and mineral acids. 

Acetates pioduce no precipitate except when considerable quantities of 
aluminum or iron are present. I 11 this case, chromium coprecipitates with 
these two metals as the basic acetate. 

The chromates are strong oxidizing agents, especially in acid solutions. 
Acids convert chromates to dichromates. * The process is reversible, 
dichromates changing to chromates if the solution is made slightly alkaline. 

Cold , concentrated H 2 S0 A gives a red precipitate of 0rO 3 , with chromates. 
On heating, the mixture gives off oxygen and the Cr0 3 is reduced to a green 
solution of Cr +4 + . 

Hydrogen peroxide gives, with acid solutions of dichromates, blue por- 
ehromic acid, H 3 Cr0 8 (?). The color rapidly disappears as the compound 
breaks down giving oxygen and Cr +++ . The pei chromic acid is more stable 
m ether solutions than in water. If the reaction is carried out in acetic 
acid buffered with ammonium acetate, a brown solution is formed, the colora- 
tion remaining for several minutes 

Many metals form characteristic, insoluble chromates. For these, see the 
discussions on silver, mercury, lead, barium, and strontium. 

Manganese. Manganese is a gray or reddish-white, very hard, brittle 
metal having a density of 7.12 and a melting point of 1260°C. It is very 
similar to iron in activity, combining readily at high temperatures with 


* The dichromates are really dehydrated acid chromates The relation- 
ship may be shown by the equations for the reaction between H + and Cr0 4 ~ 
ions. 


Cr0 4 “ + H+ HCr0 4 “ 

2HCr0r^±Cr 2 0 7 " +H 2 0 
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oxygen, sulfur, chlorine, and many other nonmetals. Manganese dissolves 
readily m dilute acids. 

Manganous Compounds. Alkalies and X 11*011 react with solutions of 
manganous ion to form Mn(OH) 2 . white, insoluble m excess alkali, but 
soluble in solutions of ammonium salts and readily soluble in acids. 

Soluble carbonates precipitate MnC'O*, white, insoluble m solutions of 
ammonium salts, but readily soluble in dilute acids. 

Fusion of manganous compounds with Na*CO* and an oxidizing agent 
(such as air, KC10 3 , KNOj, or Na 2 0 2 ) yields green Na 2 Mn0 4 (sodium man- 
ganate). A solution of a manganate will, on acidification, change from green 
to violet or pink, and a brown precipitate of H*MnOj will settle out. The 
reaction is 

MnO 4 (nianRaiiate) + 4H + — > Mn0 4 (permannanate) 4* HjMllO* + HaO 

If the solution of the manganate is treated with Cl 2 , the manganate is 
oxidized completely to Mn0 4 “. 

Soluble phosphates precipitate Mn*(P0 4 ) 2 , white, soluble m acetic and 
mineral acids. 

Soluble cyanides give Mn(CN)j, brown, soluble in excess of the reagent to 
form Mn(( 1 N) fi ^. 

Potassium fenocyanide , K 4 Fe(C«N)c, precipitates Mh*I<V(('N)fi, white, 
insoluble m water but slightly soluble in HC 1 . 

Potassium ferncyanide, K 3 Fc(CN)g, precipitates Mn 3 (Fe((*N)r) 2 , brown, 
insoluble m water and most acids, but somewhat soluble in HCl. 

Potassium chlorate (solid) or NaClO* with concentrated IINO 4 solutions 
of Mn ++ gives, on heating, H 2 Mn0 3 , brown, insoluble in HN0 3 , soluble; in 
HCl or aqua regia. 

Ammonium persulfate (in the presence of AgN0 3 as catalyst) gives, with 
hot solutions of Mn M m dilute UNO*, violet or purple permanganic acid, 
IIMn0 4 bead dioxide or KBrOs in hot concentrated HNOj also oxidize 
Mn< to IIMn0 4 

Sodium bismuthate gives HM 11 O 4 with cold solutions of Mir ^ in HNO { ; 
with hot solutions, the product is Mn0 2 II 2 0. 

Permanganates. The permanganates are all quite soluble in water. The 
important uses of permanganates are based on the oxidizing properties of 
these compounds. 

In alkaline solutions, permanganates are readily reduced, MnO* being 
produced. In acids the reduction of Mn0 4 ~ yields Mn H + 

Zinc. Metallic zme is a bluish-gray, rather soft metal, having a density 
of 7 14, a melting point of 419°0. It is quite active, burning readily in air 
to form white ZnO and combining with many nonmetals (such as chlorine) 
even at ordinary temperatures. It dissolves readily in dilute acids or 
alkalies, giving hydrogen. 

Compounds of Zinc. Alkalies and NJI 4 OII react with solutions contain- 
ing Zn ++ precipitating Zn(OH)*, white and gelatinous, soluble in excess 
alkali [giving zincate, HZnO a “, ion], in excess NH 4 OH or solutions of ammo- 
nium salts [giving Zn(NH 3 ) 4 ++ L an d i n acids. 



238 


CATION ANALYSIS 


ILiS or (NHi)iS precipitates ZnS from neutral, basic, ammoniacj^ or 
acetic acid-sodium acetate solutions but not from more acid solutions (unless 
the concentration of zinc is unusually high) ZnS is white, insoluble in 
water or NH 4 OH, but soluble m very dilute mineral acids. 

Soluble carbonates precipitate mixed basic carbonates of the type 
Zn 2 (OH) 2 C0 3 , white, soluble in NH 4 OH or strong solutions of ammonium 
salts, in alkali carbonates, and in acids. 

Phosphates precipitate Zii3(P0 4 ) 2 , white, soluble in NH 4 OH or in acids. 

Cyanides precipitate Zn(CN) 2 , white, soluble m excess of the reagent to 
form Zn(()N) 4 ~. The latter is readily decomposed by (NH 4 ) 2 S to form ZnS 

KiFe(CN)t> precipitates white Zn 2 Fe(CN) 6 

Cobalt and Nickel.* These elements are both gray metals, nickel being 
more silvery in appearance than is cobalt. Both have a density of 8 9 and a 
boiling point of 2900°C. The melting point of cobalt is 1 180°C , whereas 
that of nickel is 1452°0. 

Both dissolve easily in HNO a ; but although cobalt dissolves readily in 
dilute HOI and H 2 S0 4 , nickel dissolves in these acids with difficulty. 

Both metals readily form a large variety of complex ions, and both are 
capable of existing in either the bivalent state or the tri valent state In 
both cases the most common ions are the bivalent form. However, cobalt 
is more easily oxidized to form the tnvalent ion than is nickel. 

Compounds of Nickel. A Ikalics precipitate from solutions of mckelous ion 
(Ni++) Ni(OH) 2 , green, insoluble in excess alkali, but soluble in mixtures of 
ammonium salts and NII 4 OII [forming Ni(NH { ) 4 M l and in acids. 

Nil kOII precipitates a basic salt of the type, Ni( OH)Cl , soluble in the same 
reagents as is Ni(OH) 2 . 

Oxidizing agents such as Br 2 , 01*, or NaOlO oxidize alkaline suspensions of 
Ni(0H) 2 to black nickelic hydroxide, Ni( 01I) 3 , insoluble in NII 4 ()H or 
K('N, soluble in mineral acids. 

HzS or (NH a ) z S precipitates NiS from basic, neutral, or weakly acid 
(acetic acid-acetate) solutions. NiS is insoluble in (NH 4 ) 2 S, very slowly 
soluble in cold IN HC1, but readily soluble in aqua regia or m concentrated 
HN0 3 . 

Carbonates precipitate green Ni00 3 , soluble in mixtures of ammonium 
salts and NH 4 0H, in ammonium carbonate, and in acids. 

Phosphates precipitate green Ni 2 (P0 4 ) 2 , soluble in dilute acids. 

Potassium cyanide, KCN, precipitates green Ni(CN) 2 , soluble in excess 
reagent to form relatively stable Ni(CN) 4 “. This is decomposed by acids. 
Solutions containing Ni(CN) 4 “ will give NiS with II *S but with strong 
oxidizing agents will decompose, giving Ni(OH) 3 and cyanato (CNO~) ion 

jfL 4 Fe(CA T ) 6 precipitates Ni 2 Fe(CN) fi , green, almost insoluble in dilute HC1. 

KSCN gives no visible reaction with nickel solutions. 

* These metals are so similar in nature that is logical to consider them 
together in order to bring out their similarities and differences. They 
are also quite similar to iron in many respects. 
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Chromates precipitate a basic chromate from hoi, nickelous solutions but 
react only slowly m the cold 

Potassium nitrite gives no precipitate with dilute solutions of Xi * ' (see 
Cobalt) 

Compounds of Cobalt. Alkalies or XII A 01I precipitate a blue basic salt of 
the type Co(OH)XO )J , insoluble* in excess reagent, but soluble m acids, m 
an excess of KCN, or in concentrated solutions of ammonium salts On 
being heated the basic salt hydrolyzes, forming pink (’0(011) The latter 
changes to brown Co(OII) 3 , slowly in air, but rapidly if oxidizing agents 
such as Br 2 , Cl 2, 11 * 0 *, or NaCIO are added. 

II 2 S or precipitates black CoS from neutral or basic solutions 

CoS is insoluble m (X T H 4 )>S, and, if allowed to stand for a time, changes to a 
form that dissolves but slowly in cold dilute (LV) HC 1 . It dissolves icadily, 
however, m hot concentrated HX() 3 or in aqua regia 

Carbonates precipitate basic cobalt carbonates, red, soluble 111 NH4OH or in 
ammonium carbonate solutions. 

J’hosphates precipitate blue-violet Co^PCLL, soluble in XIT4OH. 

Potassium cyanide precipitates ( 1 o(CN)2, brown, soluble in excess reagent 
to form very stable eobaltocvanide, (’o(CN)i, , ion. Tho latter oxidizes 
readily to cobalticvamde, OofON),, , ion. 

K x Fe(CN) b precipitates Co 2 Fc*(CX) fl , green, almost insoluble in HC 1 , but 
soluble in NII4OII. 

Chromates precipitate a dark brown basic chromate* from cold solutions 
of Co ++ . The precipitate is readily soluble m NiI 4 OIl. 

Potassium nitrite precipitates from solutions of ("o’ 1 on addition of acetic, 
acid, a fine yellow precipitate of potassium cobaltinitiite, Ix/V^NO^,. 
The reaction involves oxidation of the Co*"+ to Co +t 

P RE LIM IN Alt Y EXPERIMENTS - ) - 

1. General Comparisons, a. In separate depressions of a glass 
spot plate or on microscope slides place single drops of Ee 4 4 1 , 
Mn ++ , Co ++ , Ni 4 ~ 4 ', Al +++ , Cr H " f , and Zn ++ test solutions. 
Lay the spot plate (or slides) on a sliced of paper on which the 
symbols of these elements are written so the identity of each drop 
will not be lost. In the cose of the A\ +++ and Zn ++ , use a black 
background, as any precipitate formed will be light in color. Then 
to each solution add IN NaOH until a precipitate forms. 
Describe each, using a chart to record these and later results. 

* One of the separations of cobalt and nickel is based on the fact that 
cobalt gives a precipitate of tho basic chromate from cold solutions whereas 
the corresponding salt of nickel precipitates very slowly. 

f Note to Teacher: It is suggested that some of these preliminary experi- 
ments be omitted m short courses as the large number listed have been 
described in order to give adequate choice. 
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Next to each add 1 drop of 6 N NaOH, and stir. Note and record 
which precipitates dissolve. Finally to each mixture add 1 drop 
of H 2 O 2 or a few granules of N& 2 O 2 , and stir. Note and explain 
all color changes, both in precipitates and in solutions (see Note 
6 and Question 1). 

b. Precipitate the hydroxides of all seven of these metals as in 
a; then to each add 1 drop of a mixture of equal volumes of 6N 
NH4CI and 6 N NH 4 OH. Stir, and note which of the precipitates 
redissolve. Be sure that you know the difference in the reactions 
involved in the dissolving of metal hydroxides in excess NaOH as 
contrasted to those involved in the dissolving of hydroxides in 
excess NH4OH (see Chap. VIII). 

c. To each mixture in b add 1 drop of (NH 4 ) 2 S solution; stir, 
and note results. 

2. Ferric and Ferrous Ions, Fe +++ and Fe 4+ .* Recall the 
properties of Fe 4++ as determined in 1 above; then perform the 
following: 

a. To 1 drop of Fe +_H ' solution add 1 drop of KSCN solution, 
and note results. 

b. Repeat a, using K 4 Fe(CN) 6 solution instead of KSCN. 

c. Repeat a, using K 8 Fe(CN) 6 solution instead of KSCN. 

d. To 1 drop of Fe +++ add 1 drop of 0. IN KI solution. Observe 
and record the slow color change; then add 2 or 3 drops of fresh 
starch solution, or shake the mixture with CCl 4 , and note the 
color obtained. 

e. Prepare a solution of Fc ++ by carefully selecting some small 
clean green crystals of ferrous ammonium sulfate, Fe(NH 4 ) 2 - 
(S0 4 ) 2 , washing them, and dissolving two or three of them in 10 
to 15 drops of hot water, j* Using this solution, repeat the tests 
described in 2(a, b, and c), and contrast the results with those 
obtained with Fe++t (Question 3.) 

If any color is produced with the KSCN, add 1 drop of stannous 
chloride solution to the mixture to reduce any traces of Fe +++ 
that may be present. 

* Solutions of ferrous ion are rapidly oxidized even in air, to form ferric 
ion; consequently when such solutions are prepared, they must be used 
at once or reactions observed will be partly those of ferric ions. 

f Even when the precautions described here are used, it is difficult to get 
solutions of Fe ++ that are absolutely free of Fe +++ . The results obtained 
will, therefore, seldom be exactly characteristic of ferrous ions. 
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3. Aluminum Ion, Al 444 . a. To 2 drops of Al 444 solution add 
IN NaOH until a precipitate forms. Add 1 or 2 drops of §N 
NaOH to redissolve the precipitate; then add 3 or 4 drops of 
6 N NH4NO3 or 6 iV NH 4 C 2 H 3 O 2 solution, and stir. Heat on 
the steam bath 2 or 3 min., and note results (see Note 6). Filter 
and wash the precipitate; then dissolve it in 4 or 5 drops of IN 
HC1, saving the solution. 

6. To 2 drops of the solution obtained in a add 1 drop of 6 N 
ammonium acetate and enough freshly filtered aluminon* reagent 
to give the solution a slight but distinct color; then make the 
solution slightly basic with dilute NH4OII. Stir; warm on the 
steam bath 2 to 3 min.; then centrifuge. Note the color of 
the precipitate. 

c. Treat the remainder of the solution in exactly the same way, 
except substitute alizarin blue for the aluminon. 

4. Chromic Ion, Cr** 44 . a. Repeat the experiment in 3a, 
using Cr 444 solution instead of Al 444 , and compare and con- 
trast the results obtained. 

b. To 2 drops of Cr 444 add QN NaOH until the precipitate of 
Cr(OH)s that first forms redissolves. Then add H 2 O a or Na 2 0 2 , 
a little at a time with stirring, until no further eolor change takes 
place. Add 3 or 4 drops of water; stir, and heat on the steam 
bath 4 or 5 min. 

c. To 2 drops of the solution from b add \N HN0 3 until it is 
definitely acid. Let stand 1 or 2 min. ; then make the solution 
basic with NH 4 OH. Stir; then centrifuge, and note the color of 
any precipitate, and compare it with the precipitate obtained by 
adding 1 drop of Cr 444 and 1 drop of dilute NH 4 OH to 3 or 4 
drops of water, f 

* Both aluminon reagent and alizarin S (blue) reagent tend to precipitate 
on standing in the reagent bottle. These reagents should be filtered, 
therefore, just before being used. 

f The addition of sodium peroxide to water always results in the formation 
of small amounts of hydrogen peroxide. Hence, when sodium chromite 
solution is treated with an excess of either hydrogen peroxide or sodium 
peroxide, the result is a solution of chromate ion and hydrogen peroxide. 
If this is acidified, perchromic acid, a highly unstable, blue substance of 
uncertain formula, is formed, this rapidly decomposing to give oxygen and 
the original chromic 1011, Or +++ . For this reason, the separation of chromate 
ion from aluminum m such a mixture is best accomplished by use of a 
buffering agent to precipitate Al(OH)3 from the solution instead of, as some 
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d. To the remainder of the solution from b add 2 or 3 drops of 
6 M NH4NO3; stir; then add 2 or 3 drops of Ba(N0 3 ) 2 solution. 
Stir, and centrifuge. Note the color of the precipitate, and note 
the change in color of the liquid. 

e. Wash the precipitate of BaCr0 4 in cold water; then to the 
precipitate add 3 drops of IN HN0 3 , and heat on the steam bath 
for 2 or 3 min. Add 1 drop of K 2 S0 4 solution; then filter, 
discarding the precipitate. To the filtrate add 1 or 2 drops of 
2N ammonium acetate and 2 drops of 5 per cent AgN0 3 . Stir; 
centrifuge, and note the color of the precipitate (Question 4).* 

/. To 2 drops of Cr +4+ add 4 or 5 drops of concentrated HN0 3 
and 2 or 3 drops of saturated NaC10 3 solution. Boil very gently 
until the solution has undergone a definite change in color. 
Cool; add dilute NH 4 OH until the solution is just basic; then 
make the solution slightly acid with IN HC 2 H 3 0 2 . Divide the 
solution into two parts. To one portion add 2 or 3 drops of 
BaCl 2 solution, and filter, noting results. To the other portion 
add 2 drops of 5 per cent AgN0 3 . Explain all occurrences at 
each step in the procedure. 

6. Manganese Ion, Mn^ + . Recall the results obtained with 
Mn ++ under General Comparison; then perform the following: 

a. Precipitate some Mn(OH) 2 by adding IN NaOH to some 
Mn ++ solution. Let stand, and note the effects of air oxidation 
on the precipitate. 

b. Precipitate some Mn(OH) 2 as in a; then add a little Na 2 0 2 
or 4 or 5 drops of H 2 0 2 , and stir. Warm on the steam bath until 
bubbling action ceases; then filter. Wash the precipitate care- 
fully; then treat the precipitate with concentrated HN0 3 , and 
warm to see if it will dissolve. Finally, add 2 or 3 drops of H 2 0 2 
or 1 drop of IN HC1, and stir. 

c. To 1 drop of Mn ++ add 5 or 6 drops of concentrated HN0 3 . 
To this add 2 or 3 drops of saturated NaC10 3 solution; then boil 

procedures direct, first acidifying and then making the solution alkaline 
with ammonium hydroxide. 

* Barium chromate is appreciably soluble in mineral acids owing to the 
conversion of Cr0 4 “ to Cr 2 07 “. The HNO-j, therefore, dissolves the 
BaCr0 4 . The K 2 S0 4 which is then added reacts with the Ba ++ to produce 
the very insoluble BaS0 4 When the latter is filtered off, the remaining 
Solution contains all the chromium as Cr 2 0 7 ” Since Ag 2 Cr0 4 is soluble 
in even weak acute, it is necessary to buffer the acid by adding ammonium 
acetate before a precipitate will form with AgNCV 
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gently. Note and explain the formation of the precipitate. 
Filter; then add more NaC10 3 solution to the filtrate, and heat to 
be sure that all the Mn 44 has been precipitated. (Caution: 
Never add NaClOa to the acid solution while the solution is boiling , 
as an explosion may result. Cool first; add the NaC10 3 ; then 
heat.) Divide the precipitate into two portions, and use in d 
and e. 

d. To one portion of the precipitate add 4 or 5 drops of 6N 
HN0 3 , 1 drop of 5 per cent AgN0 3 solution, and a volume of 
ammonium persulfate, (NHi) 2 S 2 08, the size of a match head. 
Quickly heat just to boiling. Add a little more ammonium 
persulfate, if necessary; then centrifuge, and note the color of 
the liquid portion.* 

c. In the end of a bit of platinum or nichromo wire form a 
small closed loop by bending the tip of the wire around a match- 
stick. Heat this loop red-hot, and at once dip it into a small 
heap of sodium carbonate, Na 2 C() 3 . Some of the solid will 
cling to the loop. Heat the loop in the flame, and repeat the 
process until a molten bead or droplet forms in the loop. Finally 
touch the hot bead to some of the precipitate of Mn0 2 H 2 0 from 
c; heat; then touch the molten mass to a little solid KC10 3 . 
Heat strongly; then cool. Note the color of the bead. If the 
color is too dark to be recognized, dissolve the bead in 2 or 3 
drops of hot water, and note the color of the solution. See 
Manganese, Chemical Characteristics of, for an explanation of 
this reaction. 

6. Zinc Ion, Zn ++ . Recall the results of the tests on Zn ++ per- 
formed under General Comparison; then perform the following: 

a. To 2 drops of Zn ++ solution in a test tube add 1 drop of 
IN NaOH solution; then dissolve the precipitate of Zn(OH) 2 
by adding 1 drop of 6N NH 4 C1 and 1 or 2 drops of dilute NH 4 OH. 
Now add 6 or 7 drops of water and an equal volume of saturated 
Na 2 C0 3 solution, and heat on the steam bath until all NH 3 is 
expelled. Note the results, and explain. Filter, and wash tho 
precipitate. Dissolve in 3 or 4 drops of 6 N HC 2 H 3 0 2 ; add 1 or 2 
drops of 6N NH 4 C 2 H 3 0 2 , and saturate with H 2 S. Explain 
results. 


* The reaction is 

MnOrHjO + H+ + S 2 0»-(+Ag") -» MnO*~ f H,0 + SO« 
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b. To 1 drop of Zn ++ solution add 1 drop of IN HC1 and 1 drop 
of 0.1 per cent CuS 04 solution. Stir; then add 2 drops of ammo- 
nium mercuric thiocyanate, (NH 4 ) 2 Hg(SCN) 4 , reagent. Rub 
the inside of the container with a stirring rod ; let stand for a short 
time, and note the precipitate.* 

7. Cobalt and Nickel Ions, Co ++ and Ni ++ . Recall the experi- 
ments under General Comparisons. 

a. To 1 drop of Co ++ solution add 1 drop of IN K 2 Cr0 4 , and 
stir, noting results. 

Repeat, using Ni ++ instead of Oo ++ . Heat the solution to 
boiling, and note the difference in conditions needed for the two 
reactions. 

b. To 1 drop of Co"*"* on a piece of filter paper add 1 drop of 
IN NH 4 OH and 2 or 3 drops of a. -nitroso-jS-naphthol. Note the 
color of the spot produced; then add 1 drop of dilute H 2 S0 4 , 
observing whether or not this produces any change. 

Repeat, using Ni 4+ instead of Co H+ . 

c. On separate spots on filter paper place 1 drop of Co ++ and 
1 drop of Ni ++ solution. To each add 1 drop of dimethyl- 
glyoxime solution; then add 1 drop of 1 N NH 4 OH, and record 
results, f 

d. Make 1 drop of Co ++ faintly acid with dilute HC1; then add 
1 drop of Zn ++ solution and 1 drop of (NH 4 ) 2 Hg(SCN) 4 solution. 
Rub the inside of the container with a stirring rod, and note 
results. X 


* The test described here makes practical use of coprecipitaiion (see p. 160). 
If zinc ion and (NH 4 )aHg(SCN)4 are mixed alone, a white precipitate of 
ZnHg(SCN) 4 forms. 

When Ou ++ ions are used with the zinc, the results are variable. Minute 
traces of Cu ++ will color the precipitate lavender; more Cu ++ turns it black, 
and if the quantity of Cu ++ exceeds that of Zn ++ , an apple-green precipitate 
forms. 

t Cobalt gives a very light brownish color with dimcthylglyoxime if the 
Co ++ is present in high concentration. This coloration, however, is so weak 
that it will not interfere with the test for nickel m any ordinary analysis. 
The test for nickel as described here is sensitive to one part in a million. 
Dimcthylglyoxime is a reagent for several other metallic 10 ns, but the inter- 
fering ions are removed before this point in the procedure. 

t In using (NH 4 ) 2 Hg(SCN) 4 to test for Zn ++ or for Co ++ in unknowns, a 
pink or red solution is sometimes produced. This may be due to a trace of 
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Repeat this test, omitting only the Co ++ solution, and compare 
results. 

Repeat the test, using X i + + instead of Co ++ . 

e. Bend the tip of a platinum wire around a matchstick to 
form a closed loop. Heat this loop until it is red-hot; then 
quickly dip it into some borax. Heat again to fuse the borax 
that clings to the wire; then repeat the dipping and heating until 
a transparent bead fills the loop. Cool; touch to a drop of Co 4 * 
solution; then heat strongly until the bead melts and becomes 
homogeneous. Allow to cool; then holding the bead between 
yourself and the window, observe its color. 

Repeat this test, using Ni ++ solution instead of Co + +. 

Analytical Aspects 

Group III consists of those metals whose sulfides or hydroxides 
precipitate on addition of XH t OH and II 2 S or of (NH^S. To 
prevent the precipitation of the hydroxides of the fourth group 
metals and magnesium, it is necessary that the hydroxyl ion 
concentration, during the precipitation of Group III, be kept 
low yet constant. For this reason, an excess of NH 4 OH buf- 
fered with ammonium chloride is used to furnish the necessary 
alkalinity. 

On making the solution alkaline, the hydroxides of all the 
metals of Group III precipitate, with the exception of those of 
zinc and nickel, which remain in solution as ammonia complexes. 
When H 2 S is passed into this solution, the zinc and nickel com- 
plexes and the hydroxides of iron, manganese, and cobalt are con- 
verted into sulfides. The sulfides of aluminum and chromium 
are peculiar in that even if they were formed momentarily, they 
would at once hydrolyze to form hydroxides again. This is 
easily understood if one recalls the fact that the sulfides of these 
metals belong to that class of salts where hydrolysis is most 


Fe +++ slipping through and, if so, may bo removed by the addition of a little 
mierocosnnc salt or some sodium fluoride. Occasionally the solution turns 
pink, and the precipitate slowly dissolves with evolution of a gas. This 
indicates the presence of nitrites, which decompose the SON". When this 
occurs, boil the solution until it becomes quite colorless and evolves no more 
gases; then cool and add more of the (NH 4 ) 2 Hg(SCN)4 reagent. 
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complete, i.e ., salts of very weak acids and very weak bases (see 
Chap. VII). 

In one of the two analytical procedures suggested here the 
metals of this group are divided into two subgroups. This 
division is based on the fact that treating a solution containing 
these ions with excess alkali will cause the amphoteric hydroxides 
of aluminum, chromium, and zinc to dissolve, while the hydrox- 
ides of iron, nickel and cobalt and the hydrated oxide of mangan- 
ese, being insoluble in excess alkali, may be filtered off. 

Group III Analysis 
(Option I) 

111 a general unknown, the solution used here will be the filtrate from the 
precipitation of the sulfides of Group II. If a Group III unknown is being 
run, use 1 ml. of the solution issued by the instructor. 

Add about 15 drops of 6 N NH 4 NO,,, then add 6iV NH 4 OH, drop by drop, 
until precipitation of any hydroxides seems complete. Finally, add about 
5 drops more of the (SN NII 4 OII (see Notes 1 and 2). Dilute the mixture 
with an equal volume of water, then heat almost to boiling, and pass in II 2 B 
until precipitation is complete (sec Note 3). Wash the precipitate at least 
twice with NH 4 N0 3 — H 2 S soln., adding the first wash portion to the 
filtrate. 

Filtrate. Acidify at once with Precipitate : Consists of FeS, ZnS, MnS 
HC1, and boil to half its vol- CoS, NiS, Al(OII) 3 , and Cr(OII) 3 
ume to eliminate S~ (see Note Add about 10 drops of cone. HN0 3 and 1 
4). Save for Groups IV and drop of dil. IIC1 and warm the mixture 
V. until the precipitate dissolves. Filter, 

-J and discard any sulfur; then add 1 ml of 

3 per cent H 2 O 2 or 15 to 20 drops of 8 per cent H 2 0 2 . * Make the solution 
basic with QN NaOII, then add 5 or 6 drops in excess. Stir; observe the 
mixture for about 1 mm. ; then if no bubbling action is noticeable at the end 
of that time (see Note 5), add more H 2 0 2 . Dilute with 15 or 20 drops of 
water; stir; then warm on the steam bath until no more bubbles of oxygen 
form m the mixture. Filter, and wash the precipitate with cold water. 

Filtrate. Contains A10 2 “, Cr0 4 ~, Precipitate. Consists of Fe(OH) 3 , 
and HZn0 2 “. Analyze as directed M 11 O 2 , Ni(OH) 3 , and Co(OII) 3 . 

under the heading, Group IIIA. Analyze as directed for Group IILB. 

* Sodium peroxide may bo used instead of HjOi if desired In that case make the solution 
just basic with NaOII, then add solid NaiOj, little by little with stirring until vigorous 
bubbling action continues for at least 1 min. (see Note 5). Then dilute with water, heat, 
and continue as instructed. 
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Group IIL4 Analysis 
(Option I) 

To the filtrate from the subgroup separation add 8 or 10 drops of Gilf 
ammonium acetate soln , stn. and heat for 3 or 4 min. on the steam bath. 
If no precipitate forms (see end ot Note G), add G or 8 drops more of ammo- 
nium acetate, stir, and heat again. Filter, and wash the precipitate with 
cold water. 

Filtrate. Contains Cr0 4 ~ and Zn(NIIj) 4 t+ (see Precipitate. Al(OIl) 3 . 
Note 7) Add Ba(NO,*)j soln until precipita- Dissolve in 6 to 10 drops 
tion is complete. Filter, and wash the precipi- of 2 N HC1, then divide 
tate twice with cold water. the solution into two 

portions. 

Filtrate. Contains Precipitate. BaCr0 4 To l portion add freshly 
Zn(NII 3 ) 4 ++ Make (and/or BaS0 4 ) (see filtered aluininon rea- 
slightly acid with ace- Note 13). gent, until the solution 

tic acid; then evapor- YELLOW BBT. is just definitely pink, 
ate to 1 ml. volume, indicates Cr f++ present. Add 1 drop of G N am- 
and filter, discarding — monium acetate; then 

any precipitate To the precipitate add make the solution 
Test for Zn ++ as fol- G or 7 drops of 1 N slightly basic with 
low's: HN(L, and warm on NH 4 OIL Heat on the 

To 2 drops of the soln. the steam bath 1 or 2 steam bath 4 or 5 min. 
add l drop of K 4 Fe- mm Add 2 drops of then centrifuge. 
(CN)esoln. K*S0 4 soln., stir, and BED BBT. 

WHITE BBT. filter Divide filtrate indicates Al +++ . 

indicates ZiC + . into tw r o equal parts. 

Bass II a S into half of To one part in a small With the second portion 
the remaining solu- test tube add diethyl of the soln. repeat the 
tion for 1 mm. ethei until it forms a test just described using 

WHITE BBT. layer 1 cm. deep. Be alizarin blue instead of 
confirms Zn +f (see Note sure that the solution aluininon reagent. 

8) See Bielimmary is cold, then add 1 drop BLUE BBT. 

Experiment G b and of 3 per cent H 2 () 2 , confirms Al +++ 

Auxiliary Tests for and at once shake the 

other confirmation mixture 

tests. BLUE ETHER LAYER 

(usually present only momentmdy) confirms 
chromium. 

To the remainder of the filtrate add an equal vol- 
ume of 2 N ammonium acetate and 2 drops of 
5 per cent AgN0 3 soln. 

PURPLISH-BROWN PPT. 
confirms chromium present. 
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Group III# Analysis 
(Option I) 

Dissolve the precipitate from the subgroup separation in about 10 drops of 
concentrated HN0 3 , warming if necessary (see Note 9). Place the solution 
in a crucible, boil gently until most of the liquid has evaporated, then cool. 
Add about 2 ml. of concentrated HN0 3 , then add 8 drops of saturated 
NaClOa solution. Stir, then boil gently over a micro flame until the liquid is 
reduced to half its volume. If a brown or black precipitate forms (see 
Note 10), filter, saving the precipitate. To the cool filtrate add 5 or 6 drops 
more of the NaC10 3 solution and 1 ml. of concentrated HN0 3 , and heat 
again. Repeat this treatment until no further brown precipitate forms. 
Combine the precipitates, and wash them with hot water. Combine the 
first wash water with the filtrate. 

Filtrate. Contains Fe +++ , Co ++ , and Ni ++ . Boil Precipitate. Mn0 2 H 2 0 
to half its volume to destroy any remaining DARK BROWN PPT. 
chlorate (see Note 11); dilute with water if nec- indicates Mn + h present. 

essary, ami make strongly basic with dil. NH 4 - 

OH. Stir; then filter. Confirm as described in 

Preliminary Experi- 
ment 5e. 

Filtrate. Contains Ni- Precipitate. Ee(OII) 3 — — ; 7 

(NH 3 ) 4 ++ and Co- [and any manganese to half of the precipitate 
(NHs 6 ++ . that slipped through, add 7 or 8 drops of 3 N 

as Mn (OH) 2 and HN0 3 and stir. Now 

To 1 drop of the filtrate MnO s H 2 0]. add 1 drop of Ag + soln 

on a piece of filter - and a volume of solid 

paper add 1 drop of Dissolve the precipitate ammonium persulfate 

dimethylglyoxime in SN HC1. To l drop the size of a match 

soln. of this solution add 1 head , then quickly heat 

RED SPOT drop of KSCN soln. almost to boiling, 

shows Ni ++ present. DEEP RED Centrifuge if necessary. 

solution indicates iron PINK OR VIOLET 

To another drop of the present (see Note 12). SOLUTION 

filtrate on a piece of confirms Mn ++ . 

filter paper add 1 To a second drop of the 
drop of a-nitroso-/}- solution add 1 drop of 
naphthol soln. and 1 K 4 Fe(CN)e soln. 
drop of 6 N H 2 S0 4 . DARK BLUE 

REDDISH SPOT solution confirms pres- 
indicates Co ++ present, once of iron (see Note 

12 ). 

To 3 drops of the fil- 
trate in a test tube 
add 2 drops of 6 N 
HC1, 1 drop of Zn ++ 
test solution, and 1 
drop of (NH 4 ) 2 Hg- 
(SCN) 4 soln. Scratch 
the inside of the test 
tube to cause precipi- 
tation and let stand. 

BLUE PPT. 
c jnfirms presence of 
Co ++ . 
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Group III Analysis 
(O ption II) 

To the unknown add about 15 drops of 6 V NH 4 NO 3 ; then add 6 A r 
NH 4 OH, drop by drop, until precipitation of any hydroxides seems com- 
plete. Finally, add about 5 diops more of the 6 A r NH 4 OH (see Notes 1 and 
2). Dilute the mixture with an equal volume of water, then heat, almost to 
boiling, and pass in H 2 S until precipitation is complete (see Note 3). Wash 
the precipitate at least twice with NH 4 NO 3 -H 2 S soln , adding they / rst wash 
portion to the filtrate. 

Filtrate. Acidify at once Precipitate. Consists of FeS, ZnS, MnS, CoS, 
with HC 1 , and boil to half NiS, Al(OH) s , and Cr(OII) 3 . Add 10 or 12 
its volume (see Note 4) drops of cone HN0 3 and 1 drop dil H Cl, and 

Save for Groups IV and warm until the precipitate dissolves. Filter, 
V. discarding any sulfur, then evaporate to one- 

fourth its volume Cool, add 2 ml. of cone. 

HNOj and 8 drops of saturated NaClOs soln , and evaporate the mixture 
over a micro flame to half its volume If a brown or black precipitate 
forms (see Note 10), filter, saving the precipitate. Cool the filtrate*, add 
5 o»* 6 drops more NaCl0 3 soln and 1 ml m$rc of the cone. HNO 3 , and 
heat again Repeat the process until no more brown precipitate forms; 
then combine the precipitates and wash them with hot water. 

Filtrate. Contains Fe ++4 , Al 4++ , CrO 4 ' Precipitate. Mn0 2 II 2 0. 

Zn ++ , Co ++ , and Ni+L DARK BROWN ITT. 

Add 6 N NH4OH until the solution is indicates Mn. 

just basic; then add 4 or 5 drops in 

excess Stir, then filter. Wash the To half the precipitate add 7 or 8 
precipitate twice with IN NH 4 OII. drops of (KY HNOj and stir. Add 

— 1 drop 5 per cent AgNO,< and a 

Filtrate. Precipitate. Contains volume of solid ammonium per- 

Con tains Fo(OH)j and Al(OH) s sulfate the size of a large match 
Zn(NH 3 ) 4 f+ To the precipitate add head, then quickly heat almost to 
Co(NH 3 )« +f 5 or 6 drops of water boiling Centrifuge if necessary. 
Ni(NH 3 ) 4 ++ and an equal volume PINK OR VIOLET SOLUTION 
CrCL” (sec of 6 A r NaOII. Stir confirms Mn 
next page) thoroughly; then filter. Confirm also by Preliminary 

Experiment 5e. 

Filtrate. Contains A10 2 ~. Precipitate. Fe(OH ) 3 Dissolve in 3 N HC1. 
Acidify with HC1, add 2 To 1 drop of the solution add 1 drop of KSCN. 
drops of 6 A r ammonium DEEP RED 

acetate, and divide into solution indicates iron (see Note 12). 

two parts. - 

— — To another drop add 1 drop K 4 Fe(CN)« solu- 

To 1 portion add just tion. 

enough freshly filtered DARK BLUE 

aluminon to color the solution confirms iron (see Note 12). 

soln pink. Make the — - — 

solution slightly basic with dil. NH 4 OH. Ileat on the steam bath 4 or 5 
min.; then centrifuge. 

RED PPT. 
confirms Al +++ . 

To the other portion add freshly filtered alizarin blue soln. until the liouid 
is faintly blue; then make the solution slightly basic with dil. NH 4 OH. 
Warm on the steam bath 4 or 5 min. then centrifuge. 

BLUE PPT. 
confirms Al +++ . 
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(See Note 7.) To the solution containing the Cr0 4 ~, Zn(NH 3 ) 4 ++ , 
Co(NH 3 ) 6 ' 4 '*', and Ni(NH 3 ) 4 ++ , add 3 or 4 drops of 6# NH 4 N0 3 ; stir, then 
add Ba(N0 3 )2 soln. until precipitation is complete. Filter, and wash the 
precipitate. 


Filtrate. Contains ammines of zinc, cobalt and 
nickel Pass in H 2 S until precipitation is com- 
plete. Without Jittering heat the mixture on 
the steam bath for at least 5 min , replacing 
with hot water any liquid lost by evaporation. 
Filter, discarding the filtrate. Wash the pre- 
cipitate twice. Let the precipitate become cold , 
then add 10 drops of cold IN HC1, stir, and 
Jilter at once (see Note 14). Do not wash the 
precipitate. 


Filtrate. Contains 
Zn ++ (and possibly 
traces of Ni ++ and 
Co++) 

To half the filtrate add 
2 drops of 6M ammo- 
nium acetate; then 
pass in H 2 S (see Note 
8) for 1 min. 

WHITE PPT. 
indicates zinc. 


Boil the remainder of 
the filtiate almost to 
dryness, then add 1 N 
HC1 to make up the 
lost volume. Using 
this liquid test for Z 11 
by tests described m 
Preliminary Experi- 
ment 66 and c, and in 
Auxiliary Tests. 


Precipitate. CoS and 
NiS. 

Dissolve in 8 or 10 drops 
of cone. IINO-j and 1 
drop of dil. lit 1 ! 
Evaporate to half its 
volume; then cool 
Make the solution basic 
with dil NII4OII, and 
test it as follows: 

To 1 drop of the solution 
on filter paper add 1 
drop of dimethylgly- 
oxime soln. 

BED SPOT 
shows nickel present. 


To another drop on filter 
paper add 1 drop of «- 
mtroso-0-naplithol and 
1 drop of 6 N II,SO, 


Precipitate. BaCr0 4 
(and BaS0 4 . See Note 
13) 

YELLOW PPT. 

indicates chromium. 


To the precipitate add 6 
or 7 drops of 1 N HNCL; 
stir, and warm on the 
steam bath 2 or 3 min. 
Add 2 drops of K 2 S0 4 
soln , stir, and filter. 
Divide the filtrate into 
two parts 

To one part add an equal 
volume of 2,V ammo- 
nium acetate and 2 
drops of 5 per cent 
AgNOi soln 
PURPLE-BROWN 
PPT. 

confirms Cr. 

To the second portion of 
cold filtrate 111 a test 
tube add diethyl ether 
to a depth of 1 cm. 
Add 1 drop of 3 per cent 
II2O2 and at once shake 
the mixture. 

BLUE ETHER LAYER 

confirms chromium. 


REDDISH SPOT 
indicates Co. 

To 3 drops of the solution 111 a test tube add 2 
drops of dilute HOI, 1 drop of Zn ++ solution, and 
1 drop of (NH 4 ) 2 Hg(SCN) 4 solution Rub the 
inside of the container with a stirring rod, and let 
stand. 

BLUE PPT. 
confirms cobalt. 


Questions on Preliminary Experiments 

1. What is meant by the term amphoteric ? Which elements in Group III 
are amphoteric? 

2. Which elements in this group form ammonia complexes? What is the 
formula of the complex formed by each? 

3. How could you identify Fe + + and Fe +++ in solutions? 

4. Explain, by means of the solubility product principle: 
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a. Why BaCr0 4 precipitates when Ba(N0s)2 is added to a neutral or 
slightly basic solution of a chromate. 

b. Why strong mineral acids will dissolve BaOrO* 

c Why the addition of a solution of sodium sulfate to a precipitate of 
BaCr0 4 will produce some BaSG 4 and leave a solution containing some 
Cr0 4 ~ 

6. What valence is each of the elements in Group 111 capable of having? 
Illustrate with formulas. 

6. Show by equations why a slightly basic solution of NiC 1 2 tends to 
become acidic if it is treated with ll 2 S ? 


Notes 

1. During this precipitation, it is necessary that a moderate excess of 
base be present. The reaction of a salt with hydrogen sulfide icsults in 
excess hydrogen ion being formed — as illustrated here: 


Ni(NO*) a -> Ni*+ + 2NOr 

+ 

H 2 S -> s- + 2II+ 

jr 


NiS 


This acid must be neutralized by the base in order to prevent reversal of the 
reaction. At the same time, the hydroxyl ion concentration must be kept 
low to prevent precipitation of the hydroxides of banuni, calcium, stron- 
tium, and magnesium with the metals of Group III These apparently 
opposing conditions are brought about by the use of NH 4 ()11 buffered with 
NH 4 N()j. This gives a large reserve of base but a low immediate hydroxyl 
ion concentration. For a moie complete discussion of buffered bases see 
page 68 

2 Helpful information can be gamed by carefully watching the changes 
that occur in the unknown on the addition of the NH 4 OH. A gelatinous, 
reddish-brown precipitate, insoluble in excess NH 4 OII, may indicate that 
iron is present. A colorless, gelatinous precipitate that fails to dissolve in 
excess NH 4 OH indicates the probable presence of aluminum No precipi- 
tate at all, in excess NH 4 OII, means that both iron and aluminum are absent. 
If on the addition of II 2 S a white precipitate appears with no other colored 
precipitate forming, zinc is probably present and iron, nickel, and cobalt 
are absent 

3. After precipitation is apparently complete, test the solution with litmus. 
It should be strongly basic. If the solution is weakly basic or acidic, add 2 
or 3 drops more 6AT NH 4 OH solution, stir, and add more H 2 S. 

4. The removal of the S” by acidification and boiling is necessary because 
if a solution of a sulfide is allowed to stand, some of the sulfide is slowly 
Dxidized by oxygen of the air to form S0 4 “. This would result in part of any 
barium and possibly some of any strontium in Group IV being precipitated 
as the very insoluble sulfates In such case the tests for these cations would 
be weakened, if not entirely missed. 
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5. The peroxide is added primarily to oxidize any chromite, Cr0 2 “, to 
chromate, Cr0 4 “. At the same time, however, any Fe(OH ) 2 is oxidized to 
Fe(OH) 8 ; Ni(OH ) 2 to Ni(OH)*, Mn(OH ) 2 to Mn0 2 HzO, and Oo(OH ) 2 
to Co (OH) 3 . This means that care must be taken to add enough peroxide 
to complete all these oxidations, as otherwise some of the Cr0 2 “ may not 
be oxidized. Sometimes the quantity of peroxide required is comparatively 
large, especially if the peroxide has partly decomposed. The best pro- 
cedure is to add the peroxide a little at a time until, after stirring Jthe bubbling 
action continues for at least 1 min. When this occurs, it may be considered 
that sufficient peroxide has been added. 

6 . During the subgroup separation the Al +++ , Zn ++ , and Cr* 4++ react with 
an excess of NaOH (some of which is produced also when Na 2 0 2 reacts with 
water) to form A10 2 ", HZn0 2 “, and Cr0 2 ~. The last may then be oxidized 
to Cr 04 °" by H 2 0 2 or Na 2 0 2 , thus assuming a form from which Or (OH) 3 
cannot be obtained without reduction taking place first The other two 
ions remain stable as long as the concentration of OH~ is high, but if the OH~ 
concentration is reduced to a point only slightly greater than would be 
present in a neutral solution, the hydroxides of aluminum and zinc will 
precipitate. 

When ammonium acetate is added to such a mixture, the OH - concen- 
tration is reduced by the buffering action of the ammonium salt: 

NH 4 + + C 2 Ha0 2 - + OH" ^ NII 4 OH + C 2 H 3 0 2 - 

Consequently, the aluminum precipitates as Al(OH ) 3 when sufficient 
NH 4 C 2 H 3 0 2 is added. The zinc, however, does not precipitate, as its 
hydroxide is soluble m mixtures of NH 4 OH and ammonium salts to form 
Zn(NH 8 ) 4 4+ . 

To precipitate all the aluminum effectively it is necessary to add an 
excess of NH 4 C 2 H 3 0 2 over the NaOH present in the solution. If much 
Na 2 0 2 is used, more buffer must be used owing to the fact that the Na 2 0 2 
reacts with water to produce NaOH. 

7. The color of the filtrate should be noted carefully at this point. Any 
yellowish coloration (best observed by looking down into the test tube 
toward a white background) that disappears after the Ba(N0 3 ) 2 treatment 
is excellent evidence of the presence of Cr 04 “* — and therefore of chromium — 
in the unknown. 

8 . If the solution turns milky within about 30 sec upon the addition of 
H 2 S, the presence of Zn ++ is indicated Frequently, the white precipitate 
will form but will then turn gray or black. This is due to the formation 
of NiS or CoS formed with Co+ + or Ni ++ which has not been properly 
removed during the separation. The ZnS will usually form first, however, 
since only traces of the other two metals will normally have slipped through. 

9. A dark brown precipitate that resists the dissolving action of the 
HNOs is usually Mn0 2 H 2 0 and indicates the presence of manganese in the 
unknown. The precipitate may be dissolved by adding 1 drop of 6 N HC1 
to the mixture. If this procedure is followed, however, all the Cl“ must be 

.destroyed before adding the NaClC> 3 , for otherwise the Cl - will slow and 
may prevent the precipitation of the Mn0 2 *H 2 0 in the next step. The 
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evaporation of the solution as described, however, will destroy the Cl 
effectively. 

10. Quite often a white crystalline precipitate* will form at this stage of 
the procedure, either alone or mixed with the brown MnO* IljO This con- 
sists of the nitrates of sodium and the metals of this subgroup and forms 
owing to the fact that these nitrates are less soluble in concentiated IlNOa 
than m water. This precipitate must be kept in the mixture m order to 
avoid loss or weakening of tests Washing any brown precipitates with 
hot water wall dissolve these nitrates, and the first portion of wash water 
should therefore be combined with the final filtrate. 

11. If any chlorate or any of its active decomposition products remains 
in the solution, it will, when the solution is made ammomacal, oxidize any 
Co ++ present to Co +++ . Tn valent cobalt ion reacts readily with NH> to 
form complex ions of such great stability that the usual tests for (\C 1 give 
no indication of the presence of cobalt. Such a solution can sometimes be 
recognized by the fact that it is pink in color but refuses to give satisfactory 
tests for cobalt In such cases it is best to pass IGS into the solution until 
the cobalt is completely precipitated as ( ’oft, then dissolve tin* precipitate in 
aqua regia, evaporate partly, and run the tests for cobalt 011 this solution. 

12 Some manganese occasionally slips through the NaHOj-HNOj 
separation and appears mixed wutli the Fe(OHh The manganese is in a 
form that gives a greenish precipitate with K 4 I‘V(CN)<, and a light red pre- 
cipitate with KSCN. If, therefore, precipitates of this description art* 
obtained w r hen the tests are made for iron, it is probably manganese, and 
iron is absent If even a very small amount of iron is present, the* led and 
blue colorations produced will be so deeply colored that no pieeipitate can 
be seen. 

13. When sulfides are dissolved in concentrated IIXOt (as at the beginning 
of this analysis), some of the sulfide is always converted to sulfate. Conse- 
quently, since the solubility of BaSt) 4 is very low, a precipitate of white 
BaS0 4 usually forms at this point, either alone or, if Cr0 4 ” is present, mixed 
with BaCr() 4 

14. If the sulfides of cobalt and nickel are heated for some time (as in 
this procedure), they change to a crystalline foun that is only slowly soluble 
in IN HOI Zinc sulfide undergoes no such change. Consequently, zinc 
may be separated from cobalt and nickel by precipitating the sulfides of these 
metals, heating for a time, filtering, then treating the mixed sulfides with 
cold IN IICl. The sulfide of zinc dissolves at once; those of cobalt and 
nickel, more slowly. If the mixture is filtered quickly, the separation will 
usually be good. 

Questions on Analysis of Group III 

1. What metals are found in Group III? In subgroup A ? In subgroup 

B ? 

2. The members of Group III have what characteristics that cause them 
to fall in this group? 

3. Write flow sheets showing the precipitation of Group III and the 
separation and identification of the metals therein. 
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4. What precautions must be used in testing for completeness of precipita- 
tion at the beginning of the analysis? 

5. Write equations showing the changes undergone by each cation from 
the beginning of the analysis to its final identification. 

6. What are the functions of each of the following reagents in the analysis 
of this group (illustrate with equations where possible) : 

(a) NH4NO3 at the beginning? 

( b ) NH4OH at the beginning? 

(c) Na 2 0 2 or H 2 0 2 in the separation of the subgroups? 

( d ) NH4C2H3O2 in the precipitation of Al(OII) 3 at the beginning of 
subgroup A? 

(e) NH4NO3 and H 2 S in the wash solution? 

(/) Alummon and alizarin blue m testing for aluminum ? 

7. Which of the reactions given in Question 6 are oxidation-reduction 
reactions? What is oxidized and what reduced in each case? 

8. Why does not Zn(OH) 2 precipitate with the Al(OH) 3 when ammonium 
acetate is added to the alkaline subgroup A solution? 

9. Why do wo use the identification reactions for Fe 4 f 4 as tests foi iron 
rather than using those for Fe f f ? 

10. Explain the reactions that occur at each step in an analysis following 
Option II. 

11. What two functions does the NaClOj have in Option II? 

12. Explain the reactions used 

a. In separating aluminum from iron m Option II 

b. In separating zinc from cobalt and nickel. 

c. In separating chromium from iron, cobalt, nickel, zinc, and aluminum 

Equations for Group III Analysis* 

Fe 4 ++ + OH"— >Fe(OII) 3 
Fe(OH) 3 + S- FeS + S + OH“ 

FeS + H + Fo++ + H 2 S 
Fe ++ + OH"— >Fe(OH) 2 
Fe(OH) 2 + H 2 0 2 -* Fe(OH) 3 
Fe(OH) 3 + II + Fe +++ + H 2 0 

Fe ++I + Fe (CN)e r ' -> Fo 4 lFe(CN).]« 

Fo 4 ++ + SCN~ -> Fe(SCN) 6 ” 

Mn 44 + OH" -> Mn(OH) 2 
Mn(OH) 2 + H 2 0 2 -> MnO(OH) 2 + H 2 0 
Mn(OH) 2 + S" -> MnS + OH" 

MnS 4* H + Mn 44 + H 2 S 
Mn 44 + CIO3- -> Mn0 2 + C10 2 
Mn0 2 + H 2 0 + S 2 0 8 “ (+Ag + ) — Mn0 4 “ + H+ + S0 4 - 
Mn ++ + Na 2 C0 3 + KC10 3 -> Na 2 Mn0 4 + C0 2 + KCl 

* The student should balance each of these for practice, indicating prccipi- 
tates by ( | ) and gases by ( f ). Also indicate the colors of any products. 



GROUP IV METALS 


255 


Or+++ + OH* -> Cr(OH) a 
Cr(OH) 3 + — * no reaction 

( , r(OH) 3 + H+-> CV+ + + I1 2 0 
Cr(OH) 3 + OH- (strong; XnOH) -> (Wr + H 2 0 
Cr0 2 - + HsO« + Oil - —* ('rOr + H*0 
Cr() 4 ” + Ba++-> BaCrO, 

BaCrOj + 11+ -» Ba» f + CV 2 ()r + H 2 0 
Cr0 4 = 4- Ag+-> Ag 2 Cr0 4 

AH++ + OH " — * Al(OH) 3 
A1(()H) 3 + S ’ — » no reaction 
A1(0H). { + OH- -> A10 2 - 4- H 2 0 
Al(OH)., 4- H » -> Al » 1+ 4- H 2 0 

Zn + ' 4- OH — Zn(OIl) 2 

Zn (OH ) 2 4- NH 4 OH Zn(NH 3 V + 4- H 2 0 4- 0H~ 
Zn(XH 4 ) 4 +f 4- H- -* Z 11 S 4- NH, 

ZnS 4- I1‘ -> Zn + + 4- H*H 
Zn(OH). 4- OH — HZnO»" 4- H 2 0 
Z 11 ++- 4- Fett’Xk — Zn 2 Fc(CN)« 

( , o l+ 4- OH“ —* C 1 o(OH) 2 
( 'o(OH) a 4- H >0> —* (’0(011), 

(* 0 ( 011 )* 4- XII 4 — (*o (XII 3 ) if 4 *■ 4- OII- 
( 1 o(NH,) (l ++ 4- — CoS 4- XHi 

CoS 4- HXO, 4- HC1 -► (* 0 '+ 4- Cl" 4- NO 4 II 2 O 4- S 

Xi * + 4* OH" — > Xi(OII) 2 
Xi(OH) 2 4- XII 2 -» Xi(XHi ) ^ + 4* OH“ 

Xi(XH*) 4 ,+ 4- S ' — > XiS 4- NIL 
NiS 4- HC1 4- HXO, — XV+ + S + H 2 0 4- NO + Ol- 

GROTJP IV METALS 

Chemical Characteristics 

Barium. Barium is a silvery metal having a density of 3 5 and a melting 
point of 850°C It is extremely active, tarnishing quickly m air and reacting 
readily with most nonmetals. It reacts with cold water, giving hydrogen 
and a precipitate of Ba(OH) 2 , and reacts vigorously with dilute acids. Ah 
its acetate, nitrate, and chloride are readily soluble, the best solvent for the 
metal is very dilute HC 2 H 3 0 2 , HOI, or IIX0 3 . 

Compounds of Barium. Sodium or potassium hydroxide precipitates some 
Ba(OH) 2 from concentrated solutions of Ba++. The precipitate is white, 
insoluble in excess alkali, but soluble in acetic acid, dilute IICl, or HNO 3 . 

Hydrogen sulfide , ammonium sulfide , ammonium hydroxide , and chlorides 
cause no precipitation with solutions containing Ba+ 1 .* 

* BaS is not precipitated from aqueous solutions on the addition of H^, 
owing to the fact that the salt hydrolyzes and forms the acid salt Ba(HS) 2 , 
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Soluble carbonates precipitate BaC0 3 , white, insoluble m NH 4 OH or 
alkalies, but soluble in acetic acid, HOI, and HN0 3 . 

Soluble phosphates precipitate Ba 3 (P0 4 ) 2 , white, soluble in mineral acids. 

Soluble chro7nates precipitate yellow BaCr0 4 , soluble in mineral acids but 
only slightly soluble m acetic acid. * 

Soluble sulfates precipitate UaS0 4 , white, extremely insoluble in water, 
alkalies, or acids, slightly soluble in hot, concentrated H 2 S0 4 f 

Oxalates such as K 2 C 2 0 4 , give a white precipitate of Ba0 2 0 4 , only slightly 
soluble m water but soluble m hot dilute acetic acid 

Potassium fenocyamde, K 4 Fe(CN)o gives a white precipitate of Ba 2 - 
Fe(CN) fl or BaK 2 Fe(ON) 6 , depending on the relative amounts of Ba ++ and 
reagent present 

The nitrates and chlorides of barium are soluble in water but are insoluble 
in absolute alcohol or acetone. 


a fairly soluble substance As Ba(OH) 2 is moderately soluble, NH 4 OH does 
not furnish a concentration of ()H“ sufficiently large to cause its precipita- 
tion from any but the most concentrated solutions of Ba ++ . 

* Solutions of chromates contain chromate (CV0 4 ”) ion in equilibrium with 
diehromatc (Cr 2 0 7 ") ion, according to the equation 

200 4 " + 2H+ O,0 7 ~ + II 2 0 

The addition of hydrogen ion favors the formation of dichromate ion and 
lowers the concentration of the chromate ion. 

Acetic acid, being only slightly ionized, does not furnish II + in sufficient 
concentration to repress the concentration of chromate 10 ns to the point 
where Ba0r0 4 will dissolve to any great extent. If the HC 2 H 3 0 2 is buffered, 
the BaCrOi is even less soluble in it 

Unbuffered HC1 or HNO 3 , however, will dissolve BaCT0 4 readily, 
f To get the barium of BaS0 4 into solution, any one of three methods may 
be used : 

1. Digest the BaS0 4 in hot, saturated Na 2 C0 3 solution for several 
minutes, then filter. Treat the precipitate with a fresh portion of Na 2 C0 3 
solution as before, and again filter. The reaction taking place is 

BaS0 4 + COr ^ Ba00 3 + SOr 

The precipitate will contain the BaCO d which, though insoluble in water, is 
readily soluble in HC 2 H 3 0 2 , HOI, or HN0 3 . The sulfate will be in the 
combined filtrates, mixed with unused sodium carbonate 

2. A more rapid and complete reaction between BaS0 4 and Na 2 C0 3 can 
be obtained by mixing the two dry solids and heating the mixture at a dull 
red temperature for several minutes. The reaction is similar to that above 
but is more complete. The Na 2 S0 4 that is formed may be dissolved from 
the mixture with hot water, leaving the BaCO. { as a solid residue. 

3. If a mixture of BaS0 4 , Na 2 C0 3 , and powdered charcoal is heated on 
a charcoal block in the reducing flame of a blowpipe, the BaS0 4 is reduced to 
BaS. The latter is readily soluble in acids. 
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Strontium and Calcium. These metals are very similar to each other and 
to barium. They are both very aetive metals, reacting with (he same 
reagents and in the same manner as does barium. Calcium is a rather soft 
metal, being only slightly harder than lead. It has a density of 1 55 and a 
melting point of 752°C. The solvents for these metals are the same as for 
barium, i.e., acetic acid, very dilute IIC1, or very dilute HNOj. 

Compounds of Strontium and Calcium. With few exceptions, solutions 
of 0a++ or of Sr f+ give the same type of compounds as do solutions of Ha * 4 . 
The most notable exceptions are as follows: 

Chromates do not give precipitates with neutial or acid solutions of Ca ♦ •' 
or Sr +f . If tin* solution is slightly alkaline, however, Sr 4 * gives Sr(V0 4 , 
yellow; readily soluble m acetic acid, HC1, or HNOj, but only slightly soluble 
in alcohol or alcohol-water mixture. 

Sulfates precipitate S 1 SO 4 from solutions containing Sr M but give no 
precipitate with Ca f * unless the* latter is present 111 veiy high concentrations. 

Oxalates precipitate SrC 2 0 4 and CaC 2 0 4 , neither of which dissolves readily 
in acetic acid, but both of which an* soluble 111 mineral acids 

Potassium fei rocyanule gives no precipitate with either Ga 1 ’ or Sr* 1 

The anhydrous chloride and nitrate of strontium are insoluble in either 
absolute alcohol or anhydious acetone The corresponding salts of calcium, 
however, arc soluble 111 both of these solvents. 

Preliminary Kx periments 

General Comparison, a. In test tubes or on a spot plate 
place separate drops of Ba 4+ , Sr ++ , 0a 4+ , and Mg +4 \* To each 
add 1 drop of NaaCOa solution. Observe results against a black 
background. To each add 1 drop of 6 M NH4OI solution, and 
stir, noting results. 

Now add dilute HC2H3O2 to each precipitate remaining, and 
stir. 

5. To separate solutions of the four ions add 1 drop of K 2 S0 4 
solution, and note results. 

c. To separate drops of Ba ++ , Sr ++ , Ga ++ , and Mg 4 1 011 a spot 
plate adtl 1 drop of IN K 2 Cr0 4 . Note in which cast's precipi- 
tates form; then to each add 1 drop of IN NH 4 OH and 1 drop of 
ethyl alcohol, noting results. 

* Magnesium, though belonging to Group V, is compared here with the 
members of Group IV to illustrate the fact that the separation of Mg 4 from 
Ba f+ , Sr 4+ , and Ca ++ is dependent on careful control of the unknown while 
Group IV is being precipitated. Frequently, careless work results in magne- 
sium being precipitated in Group IV, where it sometimes gives false tests for 
Ca +< ”, w r hile if Group IV is incompletely precipitated, false tests are often 
obtained for magnesium. The results of these experiments should show 
what conditions are necessary to avoid such difficulties. 
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In the cases where precipitates formed, withdraw the liquid 
by touching the edge of the drop with the edge of a piece of filter 
paper. Then add to each precipitate 1 drop of a mixture of equal 
volumes of 2 .BN NH 4 C 2 H 3 02 and IN HC 2 H 3 0 2 , noting any dif- 
ferences in behavior of the precipitates toward this mixture. 
Try reprecipitating any that dissolved, by adding 2 drops of 
IN NH4OH and 1 drop of alcohol. 

d. To separate drops of solutions of these ions, add 1 drop of 
K 2 C 2 0 4 solution. 

e. To a mixture of Ba ++ and Sr ++ add K 2 S0 4 until precipita- 
tion is complete. Filter; then to the filtrate add 1 drop of 
K 2 C 2 0 4 . Rub the inside of the test tube, and let stand at least 
15 min.; then examine. 

Meanwhile, perform this same series of tests on a solution 
containing only Ca +H \ Contrast the results. 

/. Obtain a platinum flame-testing wire, and wash it carefully 
with water. Make a tiny loop in the end of the wire; rinse the 
wire in distilled water; then heat to redness in a Bunsen flame 
adjusted for maximum heat. While the wire is red-hot, plunge 
it into clean concentrated HC1 in a test tube and heat again. 
Repeat until the wire, after becoming dry in the flame, imparts 
no color to the flame. Finally, dip the loop in a mixture of 1 drop 
of Ba ++ solution and 1 drop of concentrated HCl; then hold it 
in the flame. Carefully observe the faintly greenish flame 
characteristic of Ba ++ . Clean the wire carefully; then repeat the 
test, using first Ca ++ , then Sr++. 

Analytical Aspects 

Since the chlorides of barium, strontium, and calcium are very 
soluble, and their sulfides cannot be precipitated from aqueous 
solutions, these cations are not precipitated normally with 
Group II, or III. However, their carbonates are precipitated 
by addition of ammonium carbonate to a basic solution of their 
ions. Magnesium carbonate is also precipitated under these 
conditions; but if the OH~ concentration of tly> solution is lowered 
by addition of an ammonium salt, magnesium carbonate will 
not precipitate. % 

The identification of these elements is based upon (1) the low 
solubility of their carbonates, (2) the difference in solubility of 
their chromates (see Note 5), and (3) the low solubility of cal- 
cium oxalate. 
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Group IV Analysis 

To the group unknown (see Note 1) or the filtrate from Group III, add 
dilute NH4OH until the solution is faintly basic to litmus. Heat the mixture 
on the steam bath (see Note 2), and add ammonium carbonate reagent, 
drop by drop with stirring, until precipitation is complete (see Note 3) 
Filter, and wash the precipitate twice with cold water. 

Precipitate. Contains BaC0 3 , SrC0 3 , and CaC0 3 . 
Dissolve in the smallest possible volume of (SN acetic 
acid (see Note 4), warming if necessary. Evaporate the 
solution just to dryness, finishing the evaporation on 
the steam bath; then lot the residue cool. Dissolve the residue in about 20 
drops of a mixture of equal volumes of 1 N acetic acid and 2 5AT ammonium 
acetate soln To the resulting solution add IN K 2 CYO 4 soln , a drop at a 
time with stirring, until the clear liquid, after centrifuging, has a faint 
orange-yellow color (see Note 5) Filter, and wash the precipitate twice 
with 10 -drop portions of a mixture of equal volumes of IN IKYHjOj and 
2 . 5 N NH 4 C 2 H 3 O 2 , combining the first wash liquid with the filtrate (Note (5). 

Filtrate. Contains Sr ++ , Ca ++ (and CrO 4 ”) Precipitate. HaCr0 4 . 

Add 6 or 7 drops of 6 N NH 4 OII and a vol- Y KLLOW PPT. 

ume of ethyl alcohol equal to about three- indicates Pa f * Dissolve in 
fourths the volume of this mixture (see 6 or 8 drops of cone HC1 
Note 9). Stir; then centrifuge. Note (see Note 7) , evaporate until 

the color of the clear liquid It should only 2 or 3 drops of liquid 

be faintly yellow. If not, add more lx 2 - remain. Confirm the pres- 
Cr0 4 soln. stir, and centrifuge, repeating cnee of barium by applying 

until the liquid remains yellow. Filter, the flame test to this residual 

and wash the precipitate with a mixture liquid (Note 8). 
of 5 drops of water, 5 drops of ethyl alco- 
hol and 1 drop of dil. NII 4 OII 

Filtrate. Contains Ca ++ and Cr0 4 ~ Precipitate. SrCr0 4 
(and possibly small quantities of YELLOW PPT. 

g r ++), Add IN K 2 SO 4 soln., indicates Sr M Confirm by dissolving 
drop by drop, with stirring until m 6 or 8 drops of cone. HC1, evapor- 
precipitation is complete (Note atmg to half its volume, then apply- 
10). Add 1 drop more of the ing the flame test for Sr ++ (see Notes 
K 2 SO 4 ; then place on the steam 8 and 13). 

bath, and heat (see Note 11), with — 

stirring for 8 or 10 min. Cool, then filter, discarding the precipitate. 

To the clear filtrate, add half its volume of water and about 2 drops of 
IN K 2 C 2 O 4 soln , then heat almost to boiling, and let stand for about 
15 min. Centrifuge. 

WHITE PPT. 

indicates Ca ++ present (see Note 12). Dissolve the precipitate in 2 or 3 
drops of cone. HC1, and try the flame test for Ca ++ , using this solution 
‘Note 8). 


Filtrate. 

Save for Group 
V 
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Notes 

1. If a Group IV unknown is to be analyzed, use I ml. of the unknown 
and to it add 8 or 10 drops of 6 M NH 4 C1 or XH«NO a solution before pro- 
ceeding as described. Ammonium salts are needed to buffer the solution so 
the Oil - concentration cannot be sufficiently high to permit precipitation 
of Mg (OH) 2 or MgC0 3 . 

If the filtrate from the Group III precipitation is to be used for Group IV, 
sufficient NH 4 + is already present, since NH 4 N0 3 was added as buffering 
agent at the beginning of the precipitation of Group III. 

2 Heating during the addition of reagents often aids by causing the 
formation of larger crystals, thus making filtrations easier. 

3 Caution should be used to add enough reagent and allow sufficient time 
for precipitation to become complete, otherwise some of Group IV may slip 
through and give a false phosphate test for magnesium in Group V On the 
other hand, too great excess of the (NH^aCO* reagent may cause the precipi- 
tation of some of the magnesium. There is usually sufficient leeway between 
these two points, but time and care must lie taken in the precipitation 

4. A modification of this procedure is to dissolve the precipitate in IIN0 3 
instead of IK/gHjOs, then evapoiate to dryness Heat the residue (do not 
fuse it) with a micro flame to dehydrate it, then cool, and extract the residue 
with anhydrous acetone two or three tunes. The Ga(N0 4 ) 2 will dissolve in 
the acetone. By dissolving the residue in dilute acetic acid and proeedmg 
with the outlined proceduie using K 2 Ci0 4 , Ba ++ and Sr 1 * may be identified. 
The combined acetone solutions may be evaporated on the steam bath, the 
residue dissolved m water, and the oxalate and flame tests for Ca ++ applied. 

5. BaCr0 4 is the least soluble of the chromates of these metals, calcium 
chromate being soluble to the extent of about 16 g in 100 ml of water at 
16°C , while SrCr0 4 is soluble to the extent of about 0 12 g at this temper- 
ature — about 500 times as soluble as BaCr0 4 . The presence of a low con- 
centration of H + ion in the solution (IV acetic acid buffered with an equal 
volume of 2 5 N ammonium acetate) reduces the concentration of Cr0 4 ‘ 
from the K 2 Cr0 4 by the reaction 

2CrOr 4- 2H+ Cr 2 0 7 ~ + H 2 0 

and permits the precipitation of BaGr0 4 without precipitating SrCr0 4 or 
CaCr0 4 , unless the concentration of Sr ++ is unusually great If the filtrate 
from this reaction is made slightly basic, the above equilibrium shifts to the 
left and the concentration of Cr0 4 ” increases. This permits any Sr ++ to 
precipitate as SrCr0 4 , leaving the Ca ++ still m the solution 

6. By washing the Ba(T0 4 precipitate with the buffered acid solution, 
any SrCr0 4 that might have precipitated owing to an unusually high concen- 
tration of Sr ++ in the unknown will be dissolved. 

7. Although BaCr0 4 is insoluble in buffered acetic acid, it is readily 

soluble in HC1. When this mixture is heated, reduction of the chromate 
occurs, since Cr0 4 ” or is oxidizing and HC1 is reducing in action. 

The result of this reaction is to convert the barium to its chloride and the 
Chromate to Cr +++ . 
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8. The chromates, sulfates, and oxalates of the metals are not sufficiently 
volatile to give good flame tests. The chlorides, on the other hand, give 
excellent results. Moistening or dissolving a precipitate m concentrated 
HC1 before testing intensifies the flame coloration obtained 

9. In general, electroh tes are much less soluble m etlivl alcohol or alcohol- 
water mixtures than m water alone Tin* addition ot alcohol here, and to 
the wash water used later, i educes the solubility of the 8rC 1 r() 4 and in this 
wray makes the precipitation much more efficient. 

10. As SrCrO* is not so insoluble as might be desired, some of the Sr 4i 
usually slips over into this filtrate The addition of lx.>S() 4 at this point is 
for the purpose of precipitating the remaining Sr i+ as SrS0 4 Plenty of 
time for this precipitation must be allowed as, owing to the low concent la- 
tion of Sr +f , the process is slow 

Usually a large pait of any (’a 4 " 4 present is also precipitated as UaS() 4 
Sufficient (V f will remain, however, to give a good test 

11. The first of this heating must be done cautiously, as much of the 
alcohol added earlier will boil away and the vigorous boiling may cause 
some of the solution to be thrown out of the container 

12. Calcium oxalate, though very insoluble, has a strong tendency to form 
supersaturated solutions It is necessary, therefore, to heat the solution, 
rub the inside of the container with the tip of a stirring lod, and let the mix- 
ture stand 

The precipitate should be very granular and fine and should not piccipiUitc 
quickly A mass of semitransparent, needle-like crystals is usually the 
leagent, K2C2O1, which has crystallized owing to loss of liquid by evapora- 
tion It such a precipitate forms, add distilled waiter to dissolve it. Any 
CaC 2 0 4 wall remain undissolved A giamv precipitate that forms quickly 
on addition of the K2C 2 0 4 is usually SiC 2 0 4 , and indicates incomplete 
removal of Si ++ . More rarely such a rapid precipitation indicates an 
unusually high concentration of ('a 4 1 winch was not sufficiently reduced by 
the addition of K 2 SG 4 solution. 

13 An additional confirmation of the presence of Sr 1-4- can be secured, 
using the solution obtained by treating the SrCr0 4 with IK T. Dilute the 
remainder of this solution with 2 or 3 drops ot w T ater; add 1 drop of dilute 
NH 4 OH, stir, and lilter. To the filtrate add 1 drop of Jx 2 S0 4 solution, stir, 
and let stand. A white precipitate of Sr>S() 4 confirms Sr l+ . 

Questions 

1. Explain, by ionic equations and discussion, what happens to the OH~ 
concentration of an alkaline solution wiien ammonium salts are added 

Next show by means of the equations for the ionization of < arbonic acid, 
H2CO3, what effect w r ould be produced on the C'O?” concentration of a solu- 
tion by a decrease in the OH~ concentration 

Finally, using the foregoing information, explain why MgC0 4 will not 
precipitate from basic mixtures of Mg ++ and ('Oj“ when a moderately high 
concentration of NH 4 C1 is present 

2 . By ionic equations show the effect produced on the H + concentration of 
acetic acid by the addition of ammonium acetate. 
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Show also the effect of an increase or decrease of H + on the Cr0 4 “ con- 
centration of a solution. 

Using the information given above, explain why BaCr0 4 precipitates from 
mixtures of Ba 1 f , Sr 4 f , and Cr0 4 ~ containing HC 2 H 3 O 2 and NH 4 C 2 H 3 0 2 
whereas SrCr0 4 does not. 

3 . Outline briefly the precipitation, separation, and identification of the 
members of Group IV 

4 . What is the function 

a. Of the NH 4 OH in the precipitation of the carbonates of this group? 

b. Of the ammonium chloride 111 the precipitation of this group? 

c. Of each, the ammonium acetate and acetic acid, in the separation of 
Ba ++ from Sr»+ and Ca +4 ? 

d. Of the alcohol 111 separating Sr +4 from ( , a ++ ? 

e Of the K 2 S0 4 that is added before testing for Ca ,+ ? 

6. Write equations for the reactions undergone by each of these cations 
during the complete Group IV analysis 

6. Why is it suggested that concentrated IIC1 be used in making the flame 
tests for these metals? 

7. Describe the color given a flame by each of these metals. 

Equations for Group IV Analysis* 

Ba +| - + COj“ — > Ba(X >3 
BaCOa + H+ — Ba 4 * + H 2 0 + C0 2 
Ba ++ + Or0 4 “ — Ba( , r0 4 

BaCr0 4 + H+ + Cl" -* Ba +f + Cr 4++ + Cl 2 + H 2 0 

Sr 44 * — ► (same reactions as Ba 4+ ); then 
Sr++ + SOr - SrS0 4 

Ca ++ + C0 3 “ -> CaCOs 
CaCO, + H + -> Ca ++ + H 2 0 + C0 2 
Ca ++ + Cr0 4 “ — > no reaction 
Ca ++ + S0 4 ~ — > CaS0 4 (more soluble than SrS0 4 ) 

Ca ++ + C 2 0 4 “ -> CaC 2 0 4 

GROUP V METALS 

Chemical Characteristics 

Magnesium. Metallic magnesium is a silvery metal having a density of 
1.74, a melting point of 651 °C , and a boiling point of 1110°C. It is quite 
active, reacting slowly with boiling (but not cold) water to give hydrogen 
and the rather insoluble magnesium hydroxide, Mg(OH) 2 . It combines 
easily with oxygen and at high temperatures reacts readily with such non- 
metals as the halogens, sulfur, and even nitrogen (the last reaction resulting 


* The student should balance each of these for practice, indicating pre- 
cipitates by ( l ) and gases by ( T )• Also indicate the colon of anv products. 
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in the formation of magnesium nitride, Mg 3 N 2 ). The metal dissolves 
readily in dilute acids, forming hydrogen and Mg 4+ . 

Compounds of Magnesium. The compounds of magnesium have* proper- 
ties very similar to those of calcium, for which it is often mistaken m analy- 
ses. The chromate , MgCr0 4 ; the ferronjanuie , Mg 2 Fe((*N)«, the chloride , 
MgCl 2 , and the mtrate y Mg(N0 3 ) 2 , are very soluble in water The sulfide 
cannot be precipitated from aqueous solutions, as hydrolysis of the sulfide 
readily occurs. 

NHtOII or alkali hydroxides produce a precipitate of Mg(OH) 2 , white, 
gelatinous, insoluble in excess alkali, but soluble in solutions of ammonium 
salts and in acids. 

Soluble carbonates produce a precipitate of MgC0 3 , white, insoluble m 
NH 4 OH, but soluble m solutions of ammonium salts (even in the presence of 
NH4OH) and in acids. 

Soluble phosphates precipitate Mg 3 (P0 4 ) 2 from neutral or slightly basic 
solutions of Mg 4 f From ammomacal solutions of Mg M containing a large 
concentration of ammonium salts, white, crystalline MgNH 4 P(>4 precipi- 
tates The latter is soluble in acids. 

Soluble arsenates give white Mg 3 (As0 4 ) 2 with neutral solutions of Mg 1 1 
or white, crystalline MgNH^sO* with ainnioniaeal solutions of Mg M con- 
taining ammonium salts. 

Soluble oxalates precipitate, from fairly concentrated solutions of Mg' \ 
MgC 2 0 4 , white, soluble in acids and 111 excess alkali oxalate. 

Soluble sulfates produce no precipitate, as MgS0 4 is very soluble in water. 

Potassium, Sodium, and Ammonium.* Sodium and potassium are very 
soft metals, having, when freshly cut, a silvery luster. The 1 former has a 
density of 0 97, a melting point of 97.5°C , and a boiling point of 880°(k 
Potassium has a density of 0 86, a melting point of 62 3°C , and a boiling 
point of 760°C. Both are extremely active metals, potassium being slightly 
the more active Both tarnish almost instantly in air, forming the oxides, 
Na 2 0 2 , K 2 0 4 , and K 2 0; both react vigorouslv with water, giving the hydrox- 
ide and hydrogen; both combine readily with non-metals, many of them at 
ordinary temperature With acids, their reaction is so rapid as to be dan- 
gerous. The safest solvent is ethyl alcohol. 

Potassium and sodium are monovalent in all their compounds. 

♦Although ammonium is not an element, the radical, NH 4 , exhibits 
certain peculiarities that justify its treatment as a metal. Its base- and 
salt-forming properties are already familiar to the student. In addition, 
however, it has the ability to form an amalgam with mercury. This is 
easily demonstrated by either electrolyzing a strong solution of NH 4 C1, 
using a pool of mercury as the cathode, or by adding some sodium amalgam 
(a solution of metallic sodium m mercury) to a saturated solution of NH 4 C1. 
If either of these operations is carried out at a low temperature, an amalgam 
of ammonium is formed, the truth of this being demonstrated by allowing 
the amalgam to warm and noting the escape of hydrogen and NHj gases 
from the mass. 
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Compounds of Potassium, Sodium, and Ammonium. Practically all the 
compounds of these three ions are soluble to a greater or less extent. The 
hydroxides, sulfates, chlorides , nitrates, carbonates, phosphates , arsenates, 
chromates, sulfides, and fer rocyamdes arc all very soluble. However, NII4OH 
is very unstable toward heat and breaks up, giving NH 3 and water. Sodium 
oxalate is less soluble than the oxalates of the other two 1011 s. 

A few of the compounds of sodium, potassium, and ammonium arc suffi- 
ciently insoluble to make feasible their use in analysis 

Sodium eobaltinitrite, Na 3 Co(N0 2 )(,, gives yellow precipitates with K * and 
with NH 4 + . These precipitates vary in composition, depending upon the 
relative amounts of ion and reagent, typical compositions being K 2 NaCo- 
(N0 2 )o and (NH 4 ) 2 Na( k>(N0 2 ) c . If the precipitation is performed in the 
presence of Ag H , a very insoluble precipitate of yellow K 2 AgCo(N02)fi or 
(NH 4 ) 2 AgCo(N0 2 ) 6 is formed. 

If (NH 4 )2NaCo(N0 2 )6 is heated, the ammonium ion is decomposed, the 
corresponding potassium compound is also decomposed by heating, but the 
potassium ion remains in the solution and can be repieeipitated by cooling 
and adding more sodium eobaltinitrite 

Perchloric acid with concentrated solutions of K h or NH^' give white 
KC10 4 or NH 4 C10 4 . If alcohol is added to the mixture, these compounds 
precipitate from even very dilute solutions. The alcoholic mixture must not 
be heated, however, as a violent explosion may result. Sodium does not 
give this reaction. 

Tartaric acid, H 2 C 4 H 4 O e , precipitates white KHCmH 4 0 6 or NH 4 HC 4 H 4 O f , 
from solutions of K 1 or NH 4 + . Like most compounds of these two cations, 
the precipitate usually forms only on long standmg Sodium gives no 
precipitate. 

Chloroplatmic acid, II 2 PtCl fc , yields K 2 PtCl« and (NH 4 ).>PtCl 6 with K + 
and NH^; with Na f , 110 precipitate forms. 

If either precipitate is ignited, decomposition takes place 

3(NH 4 ) 2 PtClr, -> 2N 2 + 2NIL +- 3Pt + 18HC1 
K 2 PtCl 6 -> 2K01 + Pt + 2 Cla 

Potassium pyroantimonate, K 2 H 2 Sb 2 0 7 , gives a white precipitate of 
Na 2 H 2 Sb/) 7 with Na + . Acids and all cations except those of the alkali 
family interfere. 

Zinc uranyl acetate, magnesium uranyl acetate, and cobalt uranyl acetate 
give yellowish precipitates with Na + The formulas of the product are ot* 
the type NaCo(U0 2 ) 3 (C 2 H 3 0 2 )<,. 

On ignition, ammonium compounds readily decompose, the NH 4 + being 
destroyed. 


Preliminary Experiments 

1. Magnesium Ion, Mg ++ . Recall the tests performed on 
Mg+ + in the Preliminary Experiments, Group IV. Then per- 
form the following: 
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a. To 1 drop of Mg ++ solution in a test tube add 1 drop of 
dilute NH 4 OH. Note results; then add 1 drop of OAT NH4O, 
stir, and explain results (see Question 1). 

b. To the solution from a add 1 or 2 drops of NasHPOj solution, 
and rub the inside of the glass container with the tip of a stirring 
rod. Let stand 10 or 15 min.; then note results (see Note 1). 

c. Repeat a and />, using Ca++ instead of Mg +H ~ (see Question 2). 

d. To 1 drop of Mg ++ solution add 3 or 4 drops of water, 1 
drop of p-nitrobenzeneazoresorcinol reagent, and 1 drop of 
NaOH solution. Stir; centrifuge, and note results. 

Repeat, but add 1 drop of GAT NHjCl before adding the reagent. 
Examine closely, noting especially the color of the solution. 
Finally, add 0 N NaOH, drop by drop with stirring, until the 
solution turns violet or blue. Centrifuge once more, and note 
results. 

2. Potassium, K + , Sodium, Na + , and Ammonium, NKL { , Ions. 

Since ammonium and potassium ions are very similar in their 
reactions, and since the tests for Iv H and Na+ must be performed 
in the presence of each other, it is best to consider these three 
ions simultaneously in order to obtain a clearer picture of their 
similarities and differences. In each of the following precipita- 
tion reactions if a precipitate fails to appear, rub tin* inside of 
the container with the tip of a stirring rod. I 11 some cases the 
solubility of the product is not extremely low, and usually the 
substances readily form supersaturated solutions. 

a. To 2 drops of K + solution in a test tube add 2 drops of 
freshly prepared sodium cobaltinitrite reagent (Note 3), and note 
results (see Note 4). Dissolve the precipitate by boiling; cool; 
filter; then test the filtrate for K + as before. 

Repeat, using NHU instead of K + . 

b. To 1 drop of K + solution add 1 drop of tartaric acid solution; 
stir; let stand; and note results. (Question 4.) 

Repeat using NH 4 + ; then again, using NaL 

c. In similar manner test the action of zinc uranyl acetate 
reagent on separate drops of K + , NH 4 + , and Na + solutions. 

d. Using the procedure described in the Preliminary Experi- 
ments, Group IY (/) try a flame test on K + solution. 

Repeat, viewing the flame through a piece of blue (cobalt) 
glass. Note that the coloration seems to stream upward in the 
flame from the wire. 
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Clean the wire carefully, then perform the flame test on Na + 
with and without the blue glass. Note the masking effect of the 
glass (see Note 5). 

Finally test a mixture of K + and Na + , with the glass and 
without the glass. The flame test is capable of detecting as 
little as 0.0006 mg. of K + or 0.000003 mg. of Na + . 

e. In the test tube of a gas evolution apparatus (see Fig. 26), 
place about 3 drops of NH 4 + test solution. Evaporate the 
solution barely to dryness (see Note 8), cool, 
then add 1 or 2 drops of GN NaOH. Assemble 
the apparatus, and put a piece of moist red 
litmus paper in the upper part. Close the top 
of the upper tube with a loose plug of cotton; 
then place the apparatus on the steam bath for 4 
or 5 min., noting any changes in the litmus 
paper (see Note 9). 

Analytical Aspects 

The members of this group remain in solu- 
tion throughout all the previous precipitations. 
Magnesium readily forms a number of slightly 
soluble compounds, but sodium, potassium, and 
ammonium ions form very few slight!}' soluble 
substances. In view of the fact that ammo- 
nium ion is added many times during the analysis, it is necessary 
to test the originial solution for that ion. 

Ammonium ion gives practically all the precipitates that it is 
possible to get with potassium ion. It is therefore necessary to 
destroy all the ammonium ion before testing for potassium. 
This is done by oxidizing the ammonium ion with aqua regia 
and igniting the residue to drive off the last traces of ammonium 
compounds. Since the other ions do not offer any great inter- 
ference with each other in these tests, it is not necessary to do 
any separation other than this. 

Gkoup V Analysis 

Group unknown (or filtrate from Group IV). Use for the following tests. 

To 2 drops of the solution add 1 drop of 6AT NH 4 CI, 1 drop of 6N NH 4 OH, 
and 1 drop of NaH 2 P 04 . Rub the inside wall of the beaker with a stirring 
rod, and let stand 10 or 15 mm. (see Note l). 


Cotton 



Test tube 


or micro 
beaker -> 


Reaction 


mixture — > 

Fig. 26 . — Gas-evo- 

lution apparatus. 
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WHITE PPT. 
indicates Mg 4 + present. 

To 2 or 3 drops of the unknown add 2 drops of water and 1 drop of p-nitro- 
benzenoazoresoremol reagent Finally add (SN NaOH, drop by drop with 
stirring, until the mixture turns blue or violet (see Note 2). Centrifuge. 
BLUE LAKE or PRECIPITATE 
confirms presence of Mg^ 4 . 


Place the remaining unknown in a crucible, and evaporate to dryness. 
Add 15 drops of freshly prepared aqua regia, and evaporate again to dryness. 
Ignite the residue (heat the crucible almost to redness) until no more white 
fumes escape (Question 5) Cool, then dissolve the residue m 5 or G drops 
of water Use this solution for the following tests. 

To 1 drop of this solution on a watch glass add 1 drop of sodium cobalt l- 
nitnte soln (see Notes 3 and 1). Let stand 

PALE YELLOW PPT. 
indicates K f present 

Confirm by heating on the steam bath until the precipitate redissolves, 
cooling and then adding more reagent Reappearance of the precipitate is 
excellent confirmation for K f 


To another drop of the prepared solution apply the flame test, using the 
platinum wire and looking at the flame with and without the blue glass 
LAVENDER FLAME visible through BLUE CLASS 
confirms presence of K 1 (see Note' 5) 

BRIGHT YELLOW LASTING FLAME 
indicates Na + (see Note 7). 

To a third drop of this solution on a spot plate or watch glass (black back- 
ground) add 8 drops of zinc uranyl acetate soln Rub the inside of the 
container with a stirring rod, and let stand at least 5 min. (see Note 6). 

YELLOW PPT. 
confirms Na + . 


The test for NIC 1 * must be made on the original general or group unknown 
before any reagents are added to it The test should be performed as described 
m Preliminary Experiment 2c. 

BLUE COLORATION 
on litmus indicates NH«+ (sec Note 9). 


Notes 

1. The precipitate does not form rapidly unless an unusually large con- 
centration of Mg ++ is present The procedure described is used to overcome 
supersaturation. 

2. The blue precipitate or lake does not form in solutions of Mg ++ in which 
large concentrations of ammonium salts are o.esenfc. Unless enough NaOH 
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is added to destroy these salts completely. The dye itself is an excellent 
indicator for the quantity of NaOH needed, the solution changing from a 
yellow color to a violet or blue. It will be recalled that any unknown that 
has been taken through the Group III and IV precipitations must, of neces- 
sity, contain large quantities of NH 4 + When the test is performed as 
described, however, this reagent gives highly dependable results. 

3. This reagent is prepared by the student just before using. Make a 
saturated solution of sodium cobaltinitrite by shaking a couple small 
crystals of the solid with 3 drops of water Dilute with an equal volume of 
water, and filter Use at once, as the reagent decomposes sufficiently in a 
comparatively short time to give poor results 

4. All the slightly soluble salts of potassium, ammonium, and sodium 
readily form supersaturated solutions Consequently, when trying to 
precipitate compounds of these ions, use all the precautions possible against 
supcrsaturation. 

5. The light from the lavender potassium flame will penetrate a piece of 
blue glass while the yellow light of the sodium flame will not This makes 
it possible to see the potassium flame even if sodium is piesent Occasion- 
ally, however, a double thickness of glass is required. 

6. Due to the saturated condition of the zinc uranyl acetate reagent and 
the long period of standing, needle-like crystals of the leagent sometimes 
form around the edge of the mixture being tented for Nab The sodium 
precipitate is very grainy and is a nontransparent yellow If any doubt 
exists, add 4 or 5 drops of water and stir The reagent will dissolve readily. 

7. Owing to the extreme sensitivity of the sodium flame test and the 
common occurrence of sodium, fleeting flame tests should not be trusted. 
The coloration should last at least 10 sec and should bo eonfnmed by the 
precipitation test Care must be exercised to avoid getting the fingers into 
the mixture, as the sodium compounds in the perspiration will give this test 
readily. 

8. Overheating will cause loss of the ammonium salts present, as most 
ammonium salts decompose oi volatilize on heating 

9. If the paper does not become uniformly blue, it indicates that any blue 
spots present are due to spattering of the sodium hydroxide It spattering 
is noticed, the test must be tried with a fresh sample of unknown. 


Questions 

1. Explain, using ionic '^nations, the effect produced on the OH" con- 
centration of NHjOH by the addition of NH 4 C1. 

Using this information then explain why Mg(OH) 2 is not precipitated 
from solutions of Mg+ + and ammonium salts by addition of NH 4 OH. 

2 . If the precipitation of Group IV was incomplete, would the phosphate 
test for Mg ++ on the filtrate be dependable? Explain. 

3 * How could you distinguish between K + and NH 4 + by the use of sodium 
cobaltinitrite reagent? Why would your method work? 

4 . What are the common name of and a commercial use for the product of 
the reaction between K + and H 2 C 4 H 4 O 6 ? 
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6. What is the reason for treating the unknown with aqua regia, evaporat 
ing, and igniting the residue before testing for K + ? 

What lole does the aqua regia play? 

6. Whieh of the cations of Group V give characteristic llame colorations! 
Describe these colorations. 

7. Why are the members of Group V placed together in this group? 

8. Write equations for the reactions each of the cations of this gioup 
undergoes during the analysis 

9. Which of the metals of this group would probably not be present in 
any of the common alloys ? 

Auxiliary Tests 

Silver. 1 . If 1 drop of a 0.03 per cent solution of 5-(p-di 
methylaminobenzal) rhodanine in acetone is added to the 
ammoniacal solution obtained with the AgCl in Group I, this 
being followed by the addition of 1 drop of (>N HNOj, a purple-rod 
precipitate will form. The test will detect as little as 0.00 1 mg 
of Ag + . 

2. Diphenylthiocarbazone (dithizon) reagent with silver ion 
in slightly alkaline solutions gives a fine violet precipitate (see 
also lead, zinc, cadmium, and cobalt). 

Mercury. 1. One drop of the solution obtained by dissolving 
in aqua regia the precipitate of Hg and HgNIGGl in Group I 
or the HgS in Group II, if treated with 1 drop of 1 iV IIC 2 H 3 O 2 , 
1 drop of saturated NaC 2 H 3 <) 2 , and 1 drop of a freshly prepwrd 
alcoholic solution of gallic acid, will give a yellow or orange 
precipitate if mercury is present. Of the Group I and II metals, 
only Ag + interferes. 

2. If the mercury solution obtained from the aqua regia 
treatment in Group I or Group II is treated with diphenyl- 
earbazide reagent, a deep blue color will form. The reagent is 
made by saturating 50 per cent acetone with diphenylcarbazido, 
saturating this with KSCN, and adding I g. of KI for each 100 ml. 
of solution. 

3. A drop of solution containing nit. mrous ion placed on a 
piece of filter paper and treated with a drop of N aN 0 2 solution 
gives a dark stain of metallic mercury. Silver interferes, but the 
colored products of copper, iron, nickel, cobalt, and chromium 
can be washed off. 

4. If a drop of a solution containing mercurous ioas and a 
drop of aniline are added to a drop of SnCl 2 solution on filter 
paper, a black stain of metallic mercury will result. 
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Lead. 1. A drop of a solution containing lead ion, on filter 
paper, converted to Pb0 2 by treatment with H 2 0 2 and NH 4 OH 
and heated in a jet of steam to decompose the unused H 2 0 2 , 
will give a blue spot with a 0.1 per cent solution of tetramethyl- 
diaminodiphenylmethane in 10 per cent acetic acid. Bismuth 
does not interfere. 

2. In a slightly alkaline solution containing KCN, lead ion 
will give a red-violet coloration with diphenylthiocarbazone 
reagent. Under these conditions silver, copper, cadmium, 
nickel, zinc, and antimony do not interfere. 

3. A trace of bismuth, followed by a drop of sodium stannite 
solution, added to an alkaline solution containing lead ions will 
produce a dark stain of metallic lead in a short time. The bis- 
muth alone gives the tost if added in sufficient quantities, so a 
blank should be run at the same time. 

Copper. 1 . When 1 drop of the ammoniacal solution obtained 
by the precipitation of Bi(OH) 3 in Group II is placed on a piece 
of filter paper and 1 drop of a 5 per cent solution of a-benzoin- 
oxime in ethyl alcohol is added, a green spot will form if copper is 
present. 

2. If to a faintly acid solution containing cupric ion, an excess 
of zinc ion and a drop of (NH 4 ) 2 Hg(SON) 4 solution are added, a 
colored precipitate will be obtained. The color will range from 
lavender for minute traces of copper to a purple-black for 
greater concentrations of copper. If copper is present in greater 
concentration than zinc, an apple-green precipitate will form. 

3. If a solution of cupric ion is sufficiently concentrated, the 
addition of Ivl solution will produce free iodine and a white 
precipitate of cuprous iodide. Many metallic ions interfere 
with this test, the reaction serving better as a test for moderate 
concentrations of iodide ion. 

Bismuth. 1 . When 1 drop of the solution obtained by dis- 
solving the Bi(OH) 3 from Group II in HC1 is treated with 1 drop 
of cinchonine reagent (see reagent list), an orange precipitate 
will form if as much as 0.00014 mg. of Bi 4 " 1 ' 4 * is present. 

2. When a solution of BiCl 3 or Bi(N0 3 ) 3 is treated with a 
1 per cent solution of dimethylglyoxime and made strongly 
ammoniacal, a voluminous yellow precipitate will form. If 
Bi 2 (S0 4 )3 is used in place of the chloride or nitrate, a white 
precipitate will result. 



AUXILIARY TESTS 


271 

3. If a drop of a solution containing oven a trace of bismuth 
ion is put on filter paper and is treated with a solution containing 
lead ion, a drop of 6iV XaOH, and a drop or two of sodium stan- 
nite solution, a IVack deposit of metallic lead will form. The 
bismuth acts as a catalyst for the reduction of the lead, and this 
reaction serves as a very sensitive test for bismuth. A blank 
should be run at the same time, however, as the lead will be 
reduced, in time, whether bismuth is present or not. Easily 
reduced ions, such as silver and mercury, interfere. 

4. A drop of bismuth ion in 10 per cent IIXO 3 , placed on a 
filter paper and treated with a dilute solution of KI, will give a 
black stain of B 1 I 3 . The stain should be washed with distilled 
water to remove iodine set free bv ferric or cupric ions. Excess 
KI converts it to a solution of yellow Bill which readily hydro- 
lyzes to orange BiOI. Mercury interferes. 

Cadmium. 1 . If a drop of a solution containing (M +H is 
placed on a piece of filter paper, a crystal of thiosinamine (allyl- 
thiourea) added to the spot, ON XaOH added to make it alkaline, 
and the spot finally heated for 1 or 2 minutes in a jet of steam, 
the spot around the crystal will turn bright yellow’’. The test 
can be used on the solution obtained by dissolving the CMS 
from Group II in dilute II 2 S0 4 . 

2 When an ammoniacal solution of cadmium ion containing 
excess KCN is treated with formaldehyde and heated, a pre- 
cipitate of CM(OH) 2 w'ill form. If the precipitation is performed 
in the presence of dinitrodiphenylcarbazide, the precipitate will 
be blue. The precipitate of Cd(()H) 2 may be dissolved in dilute 
HC1, and other confirmatory tests applied. 

3. A solution containing cadmium ion, treated with a mixture 
of solid Xa 2 C 0 3 and finely powdered charcoal in a test tube, 
evaporated to dryness, then heated strongly, will give in the 
cooler portions of the test tube a mirror of cadmium metal edged 
with brown. If sulfur is added to the test tube and distilled 
over the mirror, a layer of CdS will be formed which will be 
orange while hot but yellow’ when cool. 

Tin. 1 . A saturated solution of cacotheline in water, added 
to the solution prepared as described in the analytical procedure 
for the gold test for tin, will give a violet coloration. 

2. If a drop of a solution containing tin (So 4 * 4 * or Sn 4 ~ f4 * + ) is 
mixed with a drop of 0.05iV KI solution and a drop of this mixture 
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is brought into contact with a drop of concentrated H 2 S0 4 on a 
glass slide, a fine yellow precipitate of Snl 2 or Snl 4 will form at 
the interface between the two liquids, gradually spreading into a 
broader band. Antimony and arsenic interfere somewhat, 
giving iodine and a yellow-orange precipitate. This, however, 
usually appears only as a narrow line at the interface without 
spreading. Controls should be run in case of doubt. 

3. A borax bead tinted blue by dipping in strong Cu(N0 3 ) 2 
solution and heating will give with tin (even in traces and in 
any type of compound) a red or reddish-violet bead. The color 
is best developed by heating in a reducing flame. The bead 
is colorless while hot, the color appearing rather suddenly while 
cooling. As the test requires experience for dependability, 
beginners should consider only positive tests as significant. 

Antimony. 1 . An excellent confirmation test for Sb + ' ++ can 
be made using sodium thiosulfate, Na 2 S 2 0 3 . With saturated 
NaHCOs solution almost neutralize 2 or 3 drops of the HC1 
solution obtained in separating arsenic from antimony and tin. 
Finally, add one-fifth the volume of the solution of ON HC1; 
stir; and heat almost to boiling. At once add a volume of solid 
Na 2 S 2 () 3 the size of a large match head, and heat quickly. If 
Sb* f++ present, a red-orange precipitate will form. A yellow 
precipitate may be due to tin, or it may be only some sulfur 
formed by decomposition of the S 2 (),f by the acid. 

2. A strongly acid (HOI) solution containing antimony ion, 
treated with a drop of 0.05 A KN() 2 and heated to decompose 
excess HN0 2 , will give a violet color on addition of a drop of a 
0.1 per cent solution of rhodamine B (tetraethylrhodamine) in 
water. Tungsten and oxidizing agents interfere. As little as 
0.0005 mg. of antimony can be detected in the presence of 12,100 
times as much tin by this test. 

3. By boiling the slightly acid solution with excess chlorine 
water, antimony can be precipitated as Sb 2 0 5 (separation from 
tin). The resulting precipitate dissolved in HC1 may be tested 
by any of the usual methods. 

Aluminum. 1 . A drop of a solution of aluminum ion con- 
taining a trace of cobalt on a filter paper that was previously 
treated with saturated KC10 3 solution and dried will, on treat- 
ment with NH 3 fumes and burning, leave an ash that varies in 
color from an olive green to a light blue. In the absence of 
aluminum ion, the ash is black. 
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2. If solutions of ammonium chloride and KCNO arc added 
to a solution containing aluminum ion and the mixture is heated, 
a granular precipitate of Al(OH)* will form. Prolonged heating 
reduces the effectiveness of this precipitation. 

Chromium. 1. A solution containing (V)f = gives a blue 
coloration with benzidine reagent. The test may be used on the 
HNO3-K2SO4 extract from the precipitate of BaCrOi as obtained 
in Group III. 

2. Tetramcthyldiaminodiphenylmethane gives a bluish-purple 
coloration if added to a buffered acetic acid solution of chromate 
ion. To test for chromic ion, it is best to add the reagent (a 
0.1 per cent solution in acetic, acid) to the solution, make the* 
latter alkaline with NaOH, and add a few grains of Na 2 0 2 . 
Warm on the steam bath until bubbling has practically ceased; 
cool; and make acid with acetic acid. A bluish-violet, color 
appears, becoming more intense and more reddish on standing. 
Carried out in this manner on a portion of the Group II I A 
solution [sec Group III (Option I) procedure], this serves as an 
unusually certain, moderately sensitive test for chromium. In 
very dilute solutions the test is faint and fleeting, especially if too 
great excess of Na 2 0 2 is used. 

Zinc. 1. A portion of the solution being tested in Group III 
for Zn ++ may be tested by adding I drop of NH4SCN solution 
and I drop of pyridine to the solution. A white precipitate of 
Zn(Cf,H 5 N)4(SCN)2 confirms the presence of zinc. 

2. Diplienylthiocarbazone forms with acetic acid-acetate 
or neutral or slightly basic solutions of zinc, ion a red-purple 
precipitate soluble in the CHCI3 or CCI4 of the reagent solution. 
The change is startling, the color going from the rich green of the 
reagent to a pink or led. Moderate quantiles of manganese, 
cobalt, and nickel will not interfere if the solution is made 
ammoniacal and agitated for a minute or two before adding the 
reagent. Interference by silver, copper, mercury, gold, bismuth, 
cadmium, and lead is masked by a preliminary treatment of the 
solution with Na 2 S 2 0 3 . With \a2S2O3 and KCN (in faintly 
acid solution to mask nickel, cobalt, and palladium) the reagent 
is specific for zinc. 

3. A test developed by Benedetti-Pichler makes use of ashless 
filter paper soaked in a solution of 4 g. of KjCoCCN)® and 1 g. of 
KCIO3 per 100 ml. of water and carefully dried. A drop of 
zinc solution in the center of a 1-in. square of such paper, dried 
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to a brown spot and burned, will leave a green ash if zinc is 
present to a concentration of 1 mg. per milliliter. Special 
methods of using this test will detect as little as 0.0006 mg. of 
zinc. The ash is best observed if caught on white porcelain. 

Nickel. 1 . If to a neutral or slightly alkaline solution con- 
taining nickel ion a little ethylenediamine and Na 2 S 2 0 3 are 
added, a violet crystalline precipitate will form. Although this 
test is not so sensitive as the test using dimethylgly oxime, it is 
specific in the presence of large concentrations of iron, cobalt, 
copper, and chromium. 

2. In the absence of cobalt, the borax bead test (see Preliminary 
Experiments) gives a reddish-brown color if used on the nickel 
filtrate in Group III. 

Manganese. 1 . A solution of manganous ion in concentrated 
nitric acid gives, on boiling with solid PbC 2 , a pink or violet 
solution of HMn() 4 (very specific). 

2. A drop of a solution of manganese ion made alkaline with 
NaOH and evaporated to dryness will, on treatment with a 
1 per cent solution of strychnine in concentrated H 2 S() 4 , give a 
blue-violet color, slowly turning red. Cobalt interferes, but its 
interference is removed by preliminary treatment with KCN. 
Oxidizing agents interfere. 

Ammonium. 1 . The tests described under the title Potassium 
may be used for ammonium ion in the absence of the former. 
The best way to use them if K + is present is to make the solution 
alkaline with NaOH and distill into a drop or two of distilled 
water containing a little HC1. As NH 3 is readily volatile, it 
will distill over and the tests can be applied to the resulting 
solution. An alternative is to hold a drop of the reagent (e.g. y 
H 2 PtCl 6 ) in the tip of a glass tube over the solution made alkaline 
with NaOH and to warm the latter, observing the appearance 
of cloudiness in the reagent. 

2. Nessler’s solution, an alkaline solution of K 2 HgI 4 , turns 
brownish if added to solutions containing ammonium ion. 
Since the depth of color is roughly proportional to the con- 
centration of ammonium ion, this reaction is often used in the 
colorimetric estimation of low concentrations of NH 4 + . 
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Introduction. In the qualitative analysis for cations, use is 
made of precipitations, dissolutions, and color-change reactions, 
each performed under carefully controlled conditions of hydrogen 
ion concentration and each making use of certain reagents each 
at a definite point in the procedure. The reagents used in these 
analyses are chosen chiefly for the anions that they provide; 
consequently, in most cases, it could be said that solutions of 
certain anions are used as reagents. 

On the other hand, in the analysis of unknowns to determine 
which anions are present, it is only natural that cations should 
be used as the reagents to produce recognizable precipitates. 
In addition, however, many anions are used in the identification 
tests for other anions; for owing to the fact that the nonmetals 
in the anions are capable of existing in several valence states, 
most anions are capable of undergoing numerous reactions not 
only with cations but also with other anions. For this reason, 
too, there are many anions that cannot exist together in the same 
solution — or that although capable of existing together under 
some conditions, react with one another to form other substance's 
under changed conditions, such as changes in pH. As a result 
the analysis for the anions in complex mixtures is by no means 
simple, for the analytical procedure itself requires many changes 
in condition. 

There are many ways in which the common anions may be 
classified for analytical purposes. Most of those commonly 
used, however, are based upon the following characteristics: 

(1) if they form volatile products on being acidified and warmed; 

(2) if their barium or calcium salts are insoluble (a) in acid or 
(6) in neutral solutions; and (3) if their silver salts are insoluble 
in (a) neutral or (b) dilute nitric acid solutions. 

Many of the anions fall in two or more of these classes; con- 
sequently, their grouping in the analytical procedure will depend 
upon which reagent is added first. For example, CO3” forms 
CO2 when it is acidified and warmed; also, its barium and silver 
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salts are insoluble in neutral solutions. For this reason, different 
analytical procedures may place CX) 3 “ in quite different groups 
even when the reagents used are the same, if only the order of 
use of these reagents is different for the two procedures. 

The analytical procedure used here works well when applied 
to the limited group of anions considered in this text and may 
be extended to include others as well. In this procedure, the 
anions are divided into the following groups: 

Anion Group I: The Volatile Group . This group consists of 
those anions which, on acidification with a dilute, nonoxidizing 
acid, yield readily volatile products. These anions and their 
volatilization products are (H 2 S), N0 2 “ (N 2 0 3 ), S 03 -21 (S0 2 ), 
COr (C0 2 ), CIO" (Q*), and CN“ (HCN). 

Anion Group II: The Silver Nitrate Group . The anions in 
this group are those anions which are not in Group I and whose 
silver salts are insoluble in dilute nitric acid. These indued 
I- Hr , Cl-, SON~, Fe(CN) b -, and Fo(CN) b = 

Anion Group III: The Ban urn-caleium Group. In this group 
are those anions which do not have characteristics of those in 
Group I or II and whose barium or calcium salts are insoluble 
in neutral or weakly alkaline solutions. Those considered in 
this work are Cr 0 4 *“, POr 2 , As() 3 % As() 4 “, B 4 O 7 "" or B0 3 ~, F~, 
S0 4 “, and Si() 3 ~. Of these, both the barium and the calcium 
salts of AhO*' are somewhat soluble. For this reason, very 
small quantities of As0 3 “ may be missed in this group and the 
anion must therefore be sought in Group IV. This is similar 
to the behavior of lead among the cations, lead appearing in the 
procedures for both Group I and Group II of the cations. 

Anion Group IV: The Soluble Group. The anions in this 
group include CIO 3 - , Mn0 4 “, C 2 H 3 0 2 -, N0 3 ~, and AsO-r. 
These anions do not form readily volatile compounds with dilute 
acids; and under the conditions used in this procedure, their 
silver, barium, and calcium salts are soluble. In truth it may be 
stated that the anions of this group, with the exception of As0 3 s , 
form soluble salts with practically all metals, the solubilities of 
only a few basic salts being really low. 

In general the procedure of analysis used in this course will 
follow the four groupings outlined above. From the standpoint 
of simplification, however, as well as for the purpose of under- 
standing more fully the properties of the anions, the oxidizing 
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and reducing properties of many of the anions must also be 
considered. 

Oxidation-reduction Reactions of Anions. Of the common 
anions some are reducing agents, some are oxidizing agents, 
and some are neither oxidizing nor reducing. Such a classifica- 
tion must not be considered clean-cut, however, for it must be 
remembered that the behavior of any chemical individual 
depends upon the substances present with which it has an 
opportunity to react. The chemical properties of any substance 
are always described in terms of what it will do if brought m 
contact with certain other substances or classes of substances under 
specified conditions. A notable example of this is involved in 
the reactions of N0 2 “. If a solution of nitrite is mixed with a 
strong oxidizing agent such as KMn0 4 or NaCIO, the N(V 
acts as a reducing agent } itself being oxidized to N0 3 ~. On the 
other hand if acidified and mixed with I~ the N0 2 ~ acts as an 
oxidizing agent , oxidizing the I~ to I 2 , the N0 2 ” itself being 
reduced to NO. For this reason it is impossible to classify 
N() 2 ~ as being strictly oxidizing or strictly reducing in character. 
This dual nature is due to the fact that the nitrogen in NO*f , 
which has a valence that lies between the maximum and minimum 
valences exhibited by nitrogen in its various compounds, is 
capable of being oxidized to higher valences (as in N0 2 or N0 3 “), 
or of being reduced to lower valences (<’.(/., as in NO, N 2 , and 
NH 3 ). It* should be evident, therefore, that any other anions 
that contain elements capable of exhibiting both higher and lower 
valences may, if conditions and reagents are properly chosen, 
display either oxidizing or reducing properties. Examples of 
such anions are S0 3 “, As0 3 ~, and CIO - '. It is fortunate for our 
purposes, therefore, that most ions of this type show stronger 
tendencies to act one way than to act the other. For example, 
S0 3 “ usually acts as a reducing agent; only in the presence of 
very powerful reducing agents such as H 2 S docs it act as an 
oxidizing agent. On the other hand, C10“ acts almost exclu- 
sively as an oxidizing agent, rarely exhibiting its reducing proper- 
ties. 

Both Br~ and 1“ are strictly reducing in action; but of the two, 
the 1“ is by far the more powerful in most reactions. Thus 
I~ is capable of reducing Fe +4-+ to Fe++ and Cu ++ to Cu 2 ++ ; 
whereas Br~ does not reduce cither of these ions. 
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The activity of any group of ions as oxidizing or reducing 
agents (see Chap. X) cannot be accurately compared without 
first carefully defining conditions as well as reactants. As an 
illustration suppose that one considers first the effect of acidity 
on a typical pair of reactions. If a solution of free iodine is 
added to a neutral solution of As0 3 ~ or of SOs”, the iodine will 
be quickly reduced to I~ the AsO* & forming As0 4 ~ and the SO3" 
being oxidized to S0 4 “\ If the same reactions are attempted in 
moderately acid solutions, the S0 3 ~ will again reduce the I 2 , 
yielding the same products as before, but the As0 3 - will not 
reduce the 1 2. Thus a change in pH may make an ion change 
completely its type of behavior; and while an acidic unknown 
may contain both As0 3 s and free iodine, neutralization of such 
a mixture would immediately bring about reaction. 

The effect of changes in pH on the course of a reaction may 
often be predicted by applying tlu 1 law of mass action to the 
equilibrium involved. Thus the behavior of I 2 and As0 3 ~ 
described above might have been anticipated from a considera- 
tion of the equation for the reaction: 

As() 3 ~ + I2 + H 2 () As () 4 3 + 2H‘ + 21- 

A study of this reaction shows that a high concentration of H + 
favors the reduction of As0 4 “ by 1“ whereas a low H + concentra- 
tion favors the oxidation of As0 3 ~ to As0 4 ~ by I 2 . In Cation 
Group II, therefore, where AsOr 2 is reduced by 1“ to As0 3 ~, 
the reduction proceeds normally, since the solution is acid. 
Similarly, in testing anion solutions with I 2 it is found that 
acidic solutions of Ah 0 3 ® will not reduce I 2 ; but if the solution 
containing As0 3 s is made either very faintly acid, very slightly 
basic, or neutral, the AsOr 2 will react with I 2 to form As0 4 3 , 
the lower the H + concentration the more complete being the 
reaction. * 

The effect of the H + concentration on oxidation-reduction 
reactions is also well illustrated by the reactions of Cl() 3 “. 

* The same might be said of the reaction between SO 3 *" and I 2 
S0 3 - + H 2 0 -b I* -> SO 4 - + 2H+ + 21- 

One essential difference is, however, that As 03 * is potentially (see Chap. X) 
a much weaker reducing agent than is S 03 ~ under similar conditions, conse- 
quently, the S0 8 " is sufficiently active to reduce I 2 even in acid solutions, 
whereas AsO*" is not. 
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When C10 3 ~ reacts with a reducing agent such as I~, the reduc- 
tion of the C10 3 ~ and the oxidizing action of the CIO 3 are 
favored by a high H+ concentration: 

C10 3 “ + 6H+ + 61- Cl" + 3H 2 () + 3I 2 

In fact, C10 3 ~ has no apparent effect on cold, alkaline or neutral 
solutions of I - . 

Analytical Classification. From the standpoint- of their most 
commonly displayed oxidizing and reducing characteristics, 
the anions that are considered in this course may be divided 
roughly into three classes. 

1. Reducing Ions. Of these, 8% S().r, N() 2 “, and I- are 
strong reducing agents, especially in acid solutions. All of them 
may be oxidized, slowly by the oxygen in air and quickly by more 
active oxidizing agents. In addition, SON , Hr , Fe(CN)„ \ 
and As() 3 ~ are moderately active reducing agents; while in 
strongly acid solutions, Cl can be* oxidized by such strong oxidiz- 
ing agents as MnOr" or M 11 O?. CN~, especially in neutral or 
alkaline solutions, can, with strong oxidizing agents, act as a 
reducing agent. 

2. Oxidizing Ions. Of these CIO - , Fe(CN)<, , Mn() 4 *, and 
Or Or* are the most active, the first three being active even in 
alkaline solutions. Acid solutions of Cl() 3 arc* quite* strongly 
oxidizing but its basic or neutral solutions are relatively inactive. 
Similarly, As() 4 " s and N0 3 ' are moderately active oxidizing 
agents in acid solution. 

In addition to these, S() 3 ^, though normally a reducing agent, 
is capable of oxidizing S~ to S° in acid solution. In other 
respects, however, both of these ions behave as strong reduc- 
ing agents. 

3. Nonoxidizing and Nonreducing Ions. The anions, CX) 3 ™, 
S0 4 ~, PO4" 3 , BiOy”, SiO-r, F-, and C 2 H 3 02 “, are neither reducing 
nor oxidizing. Cl“, though weakly reducing in nature when in 
strongly acid solutions, usually acts as if it were in this class 
except when in unusually high concentrations or in the presence 
of powerful oxidizing agents. Even then, heat is usually required 
to make its oxidation proceed rapidly. 

A study of the properties of these ions enables one to make 
several simplifications in the analysis of anion unknowns. For 
example, if an active reducing ion is found to be present in the 
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solution of an unknown, obviously the most active of the oxidizing 
agents cannot be there. * On the other hand, the ions of Type III 
can exist in solution with either oxidizing or reducing ions. 

On the basis of their oxidizing and reducing characteristics, 
the analysis of any mixture of anions may be greatly simplified 
by elimination tests. These are based on the reactions of the 
anions, in acid solution, with very dilute KMn04 solution (test 
for reducing ions), with a blue solution of I2 in starch- KI mixture 
(test for strong reducing agents), and with a colorless starch-KI 
mixture (test for oxidizing agents). 

Preliminary Examination and Treatment of Solid Unknowns. 
Although the methods of analysis necessary to fit all cases wherein 
solid unknowns must be handled are far too complex to be studied 
in a limited course such as this,t simpler solid unknowns can be 
dissolved and analyzed quite readily. Before the dissolution 
or analysis can be attempted, however, a few simple preliminary 
tests should be performed and the knowledge obtained in the 
cation analysis of the unknown should be carefully considered. 

If the original unknown is water soluble, much can often be 
deduced concerning the nature of the anions present. For 
example, a water-soluble solid that contained any of the members 
of the Group I or II cations obviously could not contain S~ — for 
the sulfides of these metals are not soluble in water. Similarly, 
in a water-soluble unknown if Ba ++ were present, S()4 CT and Cr04 m 
must be absent; and if Ag+ were present, all the members of 
Anion Group II must be absent! By noting whether the 
aqueous solution of the water-soluble solid is acidic, basic, or 
neutral and by considering solubility relationships, a knowledge 
of the cations can be used to eliminate many anions. 

If the solid is not water soluble but is soluble in dilute HC1 
or in dilute HNO 3 , a careful study of the characteristics of the 
compounds of those cations known to be present will give much 
information of this same type. 


* This rule has exceptions. For example, AsOa^ and AsCb” can exist 
together; for if AsCb^ reduced AsC^ 5 *, it would reduce the AsOr* to AsC^ 
and would itself be oxidized to As0 4 *. A similar situation exists m regard 
to Fe(CN)<r and Fe(CN) 6 s mixtures. 

t For such cases see the much more comprehensive work, “Analytical 
Chemistry,” Vol. I, “Qualitative Analysis,” by Treadwell and Hall, John 
Wiley & Sons, Inc., New York, 1937. 
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When a solid unknown is obtained, therefore, test its solubility 
in (1) water, (2) dilute HC1 or dilute HN0 3) * and (3) aqua regia. 
It is not necessary to use all these; try them in the order men- 
tioned, and stop as soon as one is found that will dissolve all 
the solid. Remember that if some of the solid dissolves in a 
given reagent, perhaps a second or third treatment with the same 
reagent will complete the task. Use the information gained 
as follows: 

1. If the solid is soluble in water, use the aqueous solution 
for the analysis as described in the following pages. 

2. If the unknown was insoluble in water but was soluble in 
HC1 or HN0 3 , place a 0.1-g. portion of the untreated solid in a 
test tube, add 2 or 3 ml. of saturated Na 2 G() 3 solution, and heat 
on the steam bath 10 or 15 min, replacing with distilled water 
any liquid lost by evaporation. Filter the mixture, and use the 
filtrate for the analysis for all anions except C(V\f Save the 
precipitate; for if tests for P() 4 in Anion Group III prove 
negative, this precipitate should be dissolved in HN() 3 and the 
resulting solution tested for that anion. 

3. If the precipitate was insoluble in water, in HC1, and in 
HN() 3 but was soluble in aqua regia, a complete analysis is 
probably beyond the scope of this text. Most of the possible 
components, however, can be detected by digesting a sample of 
the unknown with Na 2 C0 3 solution and running the analysis 
on this solution as described in case 2. 

Treat the precipitate with dilute HN() 3 ; filter if any solid 
fails to dissolve; and save the filtrate to use in testing for POp\ 

There are many unknowns that cannot be analyzed satis- 
factorily by this means, e.g., the halides of silver, which are so 
insoluble that they are not dissolved by any of these reagents. 
For the treatment of these more difficult substances, refer to 
more comprehensive works on the subject. 

* If all but a gummy dark or yellow mass dissolves, this mass tending to 
lioat in the solution, the undissolvcd residue may be sulfur. If this seems 
probable, remove and wash the residue, and try burning it on a crucible lid. 
Burning, accompanied by the characteristic odor of SO 2, confirms sulfur 
and indicates the presence of sulfides in the unknown. 

f It should be obvious that if Na 2 C03 has been added to the unknown, 
tests for COg” on this solution would be uninformative. In Anion Group I, 
however, a procedure is described by means of which tests for COg" can bo 
run on the original solid. 
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Preliminary Oxidation — reduction Tests. Before proceeding with the 
analysis of any unknown, toets should be made for oxidizing and reducing 
properties; for by this means many ions usually may be shown absent 
These tests and the interpretation thereof are described in the following 
paragraphs. 

To 6 or 8 drops of the unknown solution* * * § add dilute H2SO4 or NaOH until 
the solution 13 neutral or only faintly acid; then at once use for the following 
tests :f 

Test I. To 2 drops of the neutral unknown add l drop of 6 N H2SO4 and 
1 drop of 0 5 per cent KM11O4, and stir. 

A positive test is obtained if the purple or pink color disappears within 
5 sec t 

Test II. (To be performed < nly if Test I is positive, ? e , if the color 
bleaches in 5 sec ) To 2 drops of the neutral unknown add 1 drop of 6 N 
H2SO4 and 1 drop of a dark blue solution of I 2 in starch-KI solution. 

A positive test consists of the blue disappearing within 5 sec 

Test III. To 2 drops of the neutral unknown add 1 drop of 6 N II 2 S0 4 and 
1 or 2 drops of a colorless mixture of equal volumes of fresh starch solution 
and 1AT KI solution. 

A positive test consists of the solution turning blue§within 10 sec || 

The interpretation of these tests is based uporTthe following facts: 

1. If N0 2 ", S-, SO r, SON", I", Fe(CN)^, AsOr, or a high concentration 
of Br“ is present, the color of the Mn0 4 " will disappear instantly. Even 
low concentrations of Br“ will cause bleaching within 5 sec. This test 
being positive indicates that with few exceptions active oxidizing agents 
cannot be present. 

2 If S”, SO3-, or Fe(CN)#* is present, the blue color of the solution of 
iodine in starch-KI will fade within 5 sec 

3. If N0 2 “, HO', Fo(CN)e“, 0r0 4 ” As0 4 ^, Mn0 4 ~, or ClOr is present, 
the starch-KI solution will react within 10 sec to produce free iodine. 

Fe 44 + or Cu ++ will also give this test. 

* If the unknown is a water-insoluble solid, use the Na 2 C0 3 solution 
described earlier for such cases. 

t Speed is essential, as otherwise the volatile members of Anion Group I 
may be lost. 

X If I" or Br“ is present, the solution will turn yellow or brown; conse- 
quently, a positive test is obtained if the color of the Mn0 4 “ disappears, 
even though a brown or yellow is obtained. 

§ If large concentrations of oxidizing agents are present, or if the starch 
is not good, the solution may turn yellow, brown, or almost black instead 
of blue. Such colors are due to an excessive amount of I 2 being formed. 
In all such cases shake the mixture with a few drops of CC1 4 . If the CC1 4 
layer assumes the violet color characteristic of free iodine, consider the 
test positive. 

II On standing, the solution will turn blu^ m tne absence ot oxidizing 
agents, unless reducing agents are present. This is due to air oxidation 
of the acidic 1~ solution. The reaction usually takes several minutes, 
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To simplify the elimination of different ions by means of these oxidation 
and reduction tests, use the following suggestions. To do so, make a list 
of ail the ions that might possibly be present in your unknown; then cross 
off, one by one, the ions that your tests and this list suggest as having been 
eliminated. These tests do not eliminate any of the Type III anions. 

1. Test I is positive.* Eliminate CIO", Cr0 4 ~, Mn0 4 ~, and GlOr* 

2 Test I is negative. Eliminate X() 2 ~, S~, SOs*", SCN~, Fc(CN)«*, I~, 
Br“, and As0 3 ’. 

3. Test II is positive. Eliminate N0 2 ~, OlO“, Cr0 4 “, AsO*’’", Mn0 4 ~, and 

cior. 

4. Test II is negative. Eliminate 8“, S 03 % a nd (unless Fe(CN)«* is pres- 
ent] Fe(CN) 6 *. - “ 

5. Test III is positive. Eliminate SOaJ , and SCN^ - 

6. Test 11 L is negative "" Eliminate i7o 2 ~, l do~ , F c((JN)e", Cr0 4 "*, Mn() 4 , 
and C10 3 “. 

Not only can certain anions be eliminated on the basis of these tests, 
but also certain positive information can be gained. For example, if Tests 
I and III are both positive, one (but only one) of the following will be* 
responsible: (1) N0 2 “ alone; (2) Fe(('N),^ and FcfCN)* - together; or (3) 
AsOr and As0 4 ~ together. If all three tests are positive, Fe(GN)»“ and 
Fe(CN)6* are responsible, the others mentioned being absent. 

Questions 

1. The oxidation tests on a general anion unknown show Test I positive 
and Tests II and III negative. What ions are eliminated? For which 
must tests be run? 

2. Answer Question 1, assuming Test III positive and Tests I and II 
negative. 

3. Answer Question 1, assuming all tests are negative 

4. Answer Question 1, assuming Tests I and II positive but Test III 
negative 

5 If the unknown m Question 2 contained only the members of Anion 
Group I, what information would this give you? 

ANION GROUP I ANALYSIS 

By means of the preliminary oxidation-reduction tests determine which 
of the ions, S* S0 3 ” N0 2 ~, or CIO - can be present (see Note 1), then test 
individually for the different anions using the following procedures: 

1. Sulfides (see Note 2). Assemble the apparatus illustrated m Fig 27. 
On one of the nichrome wire supports hang a bit of filter paper moistened 

however; and if the solution is not disturbed, it will be seen that when 
the change is due to the air, the blue appears first at the surface of the 
mixture instead of within it. 

*If organic compounds are present, too great dependence cannot be 
placed on the test with KMn0 4 , as many organic compounds are capable of 
reducing Mn0 4 " m acid solutions. 
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ip-Cork with notch 
cut fbr vent 


■* Ntchrome wire test 
paper supports 


with Pb(C 2 H 3 0 2 ) 2 soln.; on the other, a bit of filter paper moistened with 
Sb +++ test solution. In the flask place 4 or 5 drops of unknown, an equal 
volume of water, and 4 or 5 drops of NaHCOa soln. ; then acidify the mixtuie 
with dil. HC 2 Ha0 2 ; and quickly put the cork and its test papers into the 

mouth of the flask Be sure that the 
vent functions properly to prevent 
the formation of pressure within the 
flask. Let stand on top the steam bath 
for 2 or 3 min , if necessary, then ob- 
serve the colors of the test papers. 

BROWN or BLACK 
lead acetate paper and 
ORANGE 

antimony test paper show S” present. 

2. Sulfites, Nitrites, and Hypochlo- 
rites (see Note 1) Use the apparatus 
described for S“, only use as one test 
paper a bit of moist stareh-KI and 
as the other a bit of filter paper moist- 
ened with a mixture of equal volumes 
of fresh starch soln. and 0.05A/ HIOs soln ( Caution . Do not let these 

test papers come into contact with each other, as they will immediately 
react with each other. Also avoid H 2 S in the air, as it also will give a test 
with the starch-HICL paper.) 

In the flask place 5 or 6 drops of the unknown, an equal volume of water, 
and 4 or 5 drops of NaHC0 3 soln. Add enough dilute HC 2 H 3 0 2 to make the 
solution strongly acid; then at once put the stopper with the test papers into 
the flask. Be sure that a vent is provided in the cork for the escape of 
vapors; then place the whole on the steam bath. Observe occasionally for 
1 or 2 min. Finally, remove the strips of paper, and observe them a few 
seconds. 

STARCH-HIO3 PAPER TURNS BLUE or BROWN but 
the starch-KI remains colorless. S0 3 “ is present. ( Cavtion : See Note 3.) 
STARCH-KI PAPER TURNS BLUE or BROWN 


Fig. 27. — Vapor-testing apparatus 


(the starch-HIOj paper turns only slowly or not at all). N0 2 “ or C10“ is 
present (see Note 4). 

As a further check for SOjT add 3 drops of the unknown to 3 or 4 drops 
of water, then acidify with IIC1 Keeping the solution cold , add BaCl 2 soln. 
until precipitation is complete; then filter. To the filtrate (which should 
contain excess BaCl 2 ) add 2 or 3 drops of yellow bromine water. A white 
precipitate or turbidity confirms S0 3 “. The bromine oxidizes the S0 3 “ 
to SOr to give the test. 

Confirm a N0 2 “ test by adding 2 drops of ferrous ammonium sulfate 
soln. to 2 drops of the unknown and acidifying with dilute H 2 S0 4 . A 
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dark brown solution which loses color with the production of a yellowish 
gas on warming confirms NO 2 ". 

Confirm CTO” by adding 1 drop of Pl>(C*HiOt)s soln. to 1 drop of the 
unknown, making the solution basic with 1A T NaOH, and warming. A 
brownish-yellow precipitate whose color forms only on standing or \v arming 
(see Note 5) confirms CIO - . 

3. Carbonate Ion, C0 3 “. In a 100-mm. test tube fitted with a stopper and 
glass delivery tube (see Fig. 28) place 3 or 4 drops of the unknown (if S0 8 “ 
is present, add also 1 drop of K 2 CK ) 4 soln.). Acidify the solution with dil. 
H 2 S0 4 ; add a tmy pinch of powdered carborundum (see Note 6); then 



put the stopper and delivery tube in place. Adjust the apparatus so the* 
end of the delivery tube is within 1 mm. of the surface of 10 or 12 drops 
of clear limewater in a second test tube (see^Note 7). Carefully warm the 
generator test tube until 4 or 5 drops of liquid have distilled over, watching 
the limewater during this time. 

WHITE PPT. or TURBIDITY 

in the limewater shows CO a “ present (see Note 8). 

4. Cyanides. Acidify 1 drop of the unknown with dil. HC1, and add 
1 drop of FeCli soln. If no deep red, blue, or green coloration is produced, 
the solution may be used in the tests described below. If the solution 
assumes one of these colors, put 5 drops of the solution, 6 or 8 drops of 
NaHCOa, and 5 drops of water in the apparatus in Fig. 28. Acidify with 
dil. HC 2 H 3 O 2 ; add a small pinch of powdered carborundum; and distill 
half the liquid in the generator into a test tube containing 5 or 6 drops of dil. 
NH4OH, cooling the receiver by allowing it to dip into cold water. Use 
this distillate in the following tests. 
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To about 2 drops of the distillate or unknown add ? or 10 drops of ammo- 
nium polysulfide, (NH 4 ) 2 S,, soln. Transfer to a crucible, and boil gently 
until the liquid becomes dark red and then milky in appearance. Cool, 
acidify with IN IICl, then add 3 or 4 drops of FeCla soln. 

RED COLORATION 

of Fe(SCN)fl' m shows ON - present (Note 9). 

Confirm by adding to a clean crucible 2 drops of the distillate or unknown, 
1 drop of ferrous ammonium sulfate, and 1 drop of 6 N NaOH Heat on the 
steam bath 10 to 15 mm.; then acidify the mixture with ON HC1 

OR KEN or BLUE 

coloration or precipitate of Prussian blue confirms CN“ (Note 10). 

Notks 

1. It will be recalled from the early discussion of the anions that certain 
combinations of anions cannot be present in the same solution owing to 
the fact that they would react with each other if such a mixture were 
prepared Thus C10“ is a powerful oxidizing agent, is an active reducing 
agent, SOj” is usually reducing but in acid solution is capable of oxidizing 

to form S°, while N0 2 “ is both oxidizing and reducing in action, being 
capable of oxidizing or S0 3 ” but of reducing C10~ 

For this reason, it will be seen that of the four anions, S~, SO 3 ", N0 2 ~, 
and CIO", only one should be expected in any one unknown. It is possible 
to keep solutions containing both S0 3 ~ and N0 2 ~ for several hours, but such 
combinations will not be common 

2. Many of the less soluble sulfides such as HgS are not attacked by 
Na 2 C0 3 and are, of course, insoluble 111 water If the unknown is an 
insoluble solid, therefore, the failure to obtain a test for S"* by this method 
does not necessarily mean S' is absent 

Such insoluble sulfides may often be tested by the acid method described 
on page 281. It is also frequently possible to identify the sulfide by burning 
a small portion of the solid unknown on the tip of a metal spatula in an 
oxidizing flame and noting the odor of S() 2 formed 

3. The blue coloration with the stareh-HIOa is produced by the reduction 
of 10 3” to I", followed by the action of more of the I0 3 ~ on the 1“ to form I 2 . 
As S0 2 is capable of reducing the 1 2 to I” more rapidly than it can be formed 
by the other reactions, if much SO.T is present, it is frequently necessary 
to remove the paper from the flask and expose it to air ( avoid H 2 S-con- 
taminated air, however) or moisten it with more HIO3 to get the test. 

Sulfides give this same test; but if the test for S~ was positive, it is unneces- 
sary to test for either S0 3 ~ or N0 2 ~\ 

N0 2 “ will also give the starch-HICh test, but the reaction is much slower 
than that with SO a “. The N0 2 ” can be recognized, however, owing to the 
fact that it reacts with both starch-KI and starch-HI0 3 . 

4. If CIO” is present, the blue color of the starch-iodine complex may 
appear, then disappear, owing to the further reaction of the iodine with the 
Cl* or Cl a O to form IO3”. It is well, therefore, to watch the starch-KI 
paper closely while making this test. 
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N0 2 ~ will also produce the blue coloration with starch-KI, but since 
the two, CIO - and N0 2 -, cannot bo together, the preliminary tests will 
indicate W'hich one is giving the test. 

5. The reaction used here to confirm CIO - depends upon the fact that 
CIO - will oxidize Pb(OH ) 2 to Pb0 2 If peroxides are present, it is necessary 
to perform the lead test in an acetic acid solution buffered with ammonium 
acetate. The same results are obtained with Cl()~, but the peroxides will 
not give the test in such an acid solution 

6 . When solutions are being boiled they often superheat, i.c , short 
intervals occur when boiling ceases and the solution heats above its boiling 
point, then suddenly a large bubble of steam forms, escaping with sufheient 
violence to throw a lot of the liquid upward. This forms spray which is 
carried over during a distillation and contaminates the distillate with the 
nonvolatile components of the original solution This so-called “bumping” 
can be reduced or even stopped entirely by the addition of a little fine car- 
borundum, pieces of porous elav, finely broken glass, etc. Sharp edges or 
the capillary openings of these substances provide surfaces at which vapor 
forms readily and thus prevents superheating by facilitating the boiling action. 

Carborundum is used here because it is not attacked by any of the ordinary 
reagents used and because it is one of the most effective substances used to 
prevent bumping 

7. Limewater readily absorbs C0 2 from the air and in doing so loses 
strength rapidly Before this test is tried, therefore, 2 or 3 drops of the 
limewater should be tested by adding to it 1 drop of CO 3 ' test solution. If a 
definite white precipitate is obtained, the reagent is all right 

8 In testing forCO-f it must be remembered that the air in tin* laboratory 
usually contains much C0 2 Consequently, precautions must be taken to 
minimize contact between the air and any reagents used in this test. Weak 
tests should always be checked by every possible means, doubtful cases 
being checked by running the same tests, under identical conditions, on a 
blank consisting of distilled water and comparing results with those obtained 
with the unknown. 

In the presence of SO it is necessary to remove the SO*"" before making 
the test for CO 3 ", as both give white precipitate's with alkaline solutions 
of Ca +4 \ The procedure described provides for this by the oxidation of 
SO 3 ” by K 2 CrO* and II 2 SO 4 to form the nonvolatile SOC 

9. Sometimes w r hen the FeCl 3 is added to this mixture, a red coloration 
forms but quickly fades. In such cases, add more FeCh 

The phenomenon is due to the fact that any S~ that may yet remain 
quickly reduces the Fe +++ to Fe 44 \ Since Fe +4 gives no coloration with 
SCN“ the color of FebSOOe^ produced at first quickly fades. 

10. The test described here depends upon the presence of traces of Fe+ ++ 
in the ferrous ammonium sulfate. The reaction at first involves Fe(OH ) 2 
and the CN~. 

Fe(OH ) 2 + ON" -> Fe(CN ) 2 + 2(OH)- 
Fe(CN ) 2 + 4CX- -> Fe(CN) 6 H 

Then the Fe +++ reacts wuth the Fe(CN)e* to form Prussian blue, 
Fe 4 (Fe(CN) 6 ) 3 . When the test obtained is w eak, it is best to add a drop of 
diluted FeCU solution so as to furnish more Fe +++ . 
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It will be noted that an excess of CN“ is needed for the formation of the 
Fe(CN)«*; consequently, a too large excess of ferrous ammonium sulfate 
should be avoided, and the FeCU should be added only after the mixture is 
acidified. 

ANION GROUP II ANALYSIS 

To 1 ml. of the original unknown add an equal volume of water; then 
acidify with 6 N HC2H3O2. Add 10 drops more of the HC2H3O2; then 
evaporate the solution to half its volume to remove members of Anion 
Group I. Cool ; then place half of the solution m a separate container. 
Treat both portions in the following manner (see Note 1). 

Add to each solution half its volume of 6iV IIN0 3 ; stir; then add 5% 
AgNOa drop by drop with stirring until precipitation is complete. Filter, 
combining the filtrates from the two portions. Wash the separate precipi- 
tates each twice with 3AT HNOa, combining the first wash liquids with the 
filtrates. Finally, wash each precipitate with water. 

Filtrates, (combined'). Precipitates. May contain AgSCN (white), 
Save for Anion Groups Ag 3 Fe(CN)« (orange-red), Ag 4 Fe(CN)« (white), 
III and IV. AgCl (white), AgBr (pale yellow), and Agl 

(yellow). 

Use one precipitate for Part A below; save the 
second for Part B. 

Part A 

Add 3 or 4 drops water and an equal volume of sat NaCl. Let the mix- 
ture stand at least 3 min , shaking occasionally, then filter. Wash the 
precipitate with water, discarding the wash liquid. 

Filtrate. Test for SCN - and Fc(CN)«". 

To 1 drop of filtrate add 1 drop of FeCl a 
soln. 

DARK RED 

color shows SGN“ present (Note 2). 

To 3 drops of filtrate add 1 drop of HgCL 
soln , 1 drop of Co ++ soln., and 1 drop 
of Zn f + soln. in that order. Stir vigor- 
ously, and let stand. 

1 BLUE PRECIPITATE 
confirms SCN“. 

To 1 drop of filtrate add 1 drop of freshly prepared ferrous ammonium sul- 
fate soln. 

DARK BLUE 

color shows Fe(CN)«" present (Note 3). 


Precipitate. Test for Fe(CN) 6 ^. 
Wash the precipitate twice, using 
10-drop portions of cold 6 N 
NH 4 OH and discarding the wash 
liquid. Finally, wash with two 
portions of cold water. 

To the precipitate, add 2 or 3 
drops of FeCl 3 soln., and shake. 

DARK BLUE 

color appearing at once shows 
Fe(CN)e s present (Note 3). 
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Part B 

To this portion of precipitate add 10 drops of cone. NH 4 OH ami 1 drop 
of 6Af NH4NO3. Filter, saving both precipitate and filtrate. To the 
filtrate add (NULLS until precipitation is complete. Similarly add S 
or 10 drops of (NI1 4 ) 2 S to the precipitate from the NII4OH-NTI4XO-1 treat- 
ment. Thoroughly crush the masses of precipitate v ith the tip of a stirring 
rod (see Note 4); then combine this mixture with the other Filter, dis- 
carding the precipitate of Ag 2 S To the filtrate add 4 or 5 drops of sat. 
NaHCOa soln , then evaporate almost to dryness Add 15 or 20 drops of 
water; stir; then add Ni(N()sL soln. until precipitation is complete. Filtei, 
discarding the precipitate Acidify slightly with 6A r HC2ILO2. {Vuutum. 
Foaming may occur ) Then add Ni(N0 3 ) 2 soln. until precipitation again 
is complete Filter, discarding any precipitate (see Note 5). Use the 
filtrate as follows. 


Iodide. To the filtrate add 2 or 3 drops of fi.V UNO,, then add 3 or 
4 drops of NO 2“ test solution Let stand about 1 min ; then shake the mix- 
ture with a few drops of (’(’L 

PINK or VIOLET 

layer of CCL shows 1~ present (see Note 6). Save the water la>er for the 
next test. 


Bromide. Boil the solution until no more violet vapors of 1 2 form (or 
until about one-fourth of the liquid is gone) (see Note 7) If I” was present, 
cool the mixture, then add 1 drop of NO*“ test solution and more ( VI 4 to 
see if all the 1“ has been removed. If not, add more NO-f and a little water, 
and repeat the boiling. 

When all 1“ and 1 2 have been removed, cool the solution, add an equal 
volume of 6A r HN0 3 , then add 0 IN KMn0 4 soln. until a pink color remains. 
At once shake the mixture with (’CL 

YELLOW or ORANGE 

layer of CCL shows Ilr~ present (see Note 8). Save the water layer for 
the next test. 


Chloride. T Remove the aqueous layer from the Br“ test; and if necessary, 
add enough KMnO< soln. to keep the solution pink for about 15 sec. 
(to make sure that all Br“ has been oxidized). Finally boil the solution 
in a crucible until about one-third the liquid is done, ignoring any formation 
of MnCL. Cool the mixture, and dissolve any Mn0 2 by adding several 
drops of HNOa and 1 or 2 drops of H2O2. To the mixture add 5% AgNOi 
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soln. until precipitation is complete. Filter, and wash any precipitate, 
first with 3 N HNOa, then with water 

WHITE PPT. 

indicates 01” present (see Note 9). 

Remove the bulb from a medicine dropper, and with a stirring rod push 
into the tube, from the top, a moderately tight but thin wad of clean cotton. 
To the precipitate above add 4 or 5 drop^ of water, stir, and with another 
dropper transfer the mixture of water and precipitate to the improvised 
filter. Let the water drain through the cotton. Then attaching a rubber 
tube to the top of the dropper b^ow through it to free the cotton and tube 
of water. Next put 10 drops of dil HNO3 into a test tube. Place the 
dropper-filter above it; then fill the dropper with IN NH 4 OH. Collect 
the first 4 drops of NH 4 OH in the HNQ 3 . 

WHITE TURBIDITY 
confines Cl” (see Note 10). 

Notes 

1. The solution is divided here so as to make it unnecessary to divide the 
precipitate later, as the latter process is difficult when only small precipitates 
are obtained. 

2. If NOi~ was found present, or if the test for SON” is weak, the original 
unknown must be tested for SCN”. To do this add Pb(C 2 H 3 0 2 )2 solution 
to 3 or 4 drops of the unknown until precipitation is complete Filter; 
then add the filtrate to a mixture of 5 drops of 6 N IIN0 3 and 5 drops of 
FeCl 3 to obtain a deep red color. The color usually fades m a short time. 
The excess of FcOL is needed, as a number of ions are capable of reduc- 
ing Fe +++ to Fe th and thus interfering with the test for SCN~ The 
Pb(C 2 H 3 0 2 )2 removes I” and S", both of which interfere. 

3. In case of doubt, the tests for Fe(ON)o rl! and Fe(CN) 0 a should be made 
on the original unknown. In both cases add dilute HC1, if necessary, 
to make the solution acid ; them add several drops of FeS0 4 solution to one 
portion to test for Fe(CN)c n *; to another portion add several drops of 
FeCl 3 solution to test for Fe(CN) 0 ". 

4. To get efficient conversion of the AgBr, Agl, and Ag 4 Fe(CN) 6 , the 
solid and liquid must be thoroughly slimed; otherwise, a film of Ag 2 S will 
form on the outside of the solid and prevent the S” in the (NH 4 ) 2 S solution 
getting to the silver salts beneath. Since AgCl, AgSCN, and Ag 3 Fe(CN) 6 
are soluble m the NH4OH, these react readily with the S” that is added to 
the filtrate. In the presence of the NH4NO3, some of the AgBr is also in the 
dissolved state. 

5. The Ni(N0 3 ) 2 is added here to remove any S~ [from the (NH 4 ) 2 S1, CN“, 
pr Fe(CN)«" present. The last may have been in the original unknown, 
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or it may have been formed by reduction of any Fe(CN)«", as the latter 
is easily reduced by (NH 4 ) 2 S or even by NH* in alkaline solution. 

6 . If N0 2 ~ was present and no 1“ or Br~ is found, it will be necessary to 
test for I” and Br~ on the original unknown, as in removing Anion Group I 
both I~ and Br~ may be oxidized to the free element and vaporized. In 
such cases use 5 or 6 drops of the original unknown and perform the tests 
exactly as descried in the paragraphs under Iodides and Bromides in the 
procedure. 

7. Do not boil too long, as if the solution becomes too concentrated, the 
NO 2 - and HNO 3 may oxidize the Br~ to Br* and cause loss or weakening of 
the later tests for Br~ 

8. Sometimes traces of Mn0 2 cling to the interface between the water 
and the CC1 4 , making it look yellowish. If this occurs, add 1 drop of dilute 
HNO 3 and 1 drop of 3 per cent HgOt to the mixture and shake it This will 
remove the MnO*. The color of the bromine should be observed at once, 
however, as it frequentlv fades within a short time 

9 If any Br~ slips through to this point, a very pale yellow (almost white) 
precipitate of AgBr will form and will give a weak test similar to that for 
Cl~. If Br“ was present and the tests obtained for O” are not conclusive, 
they should be checked before any O" is reported. 

10. The test here depends upon the greater rate at which AgCl dissolves 
in IN NH 4 OH as contrasted to the rate of dissolution of AgBr in this 
reagent 

Unless the turbidity is strong or a white precipitate forms, a test 
obtained here should not be trusted. Bromide frequently slips through 
and gives a test similar to that for O', even yielding a weak confirmation 
test. Also, 0~ is frequently an impurity in reagents and weak tests mnv 
come from that source 

ANION GROUP III ANALYSIS 

To the filtrate from Anion Group II add IN HO until precipitation of 
the excess Ag f is complete. Filter, discarding the precipitate, then make 
the filtrate faintly basic with NaOH. To this add Ba(N() 3 ) r (’ii(N()j )2 
reagent until precipitation is complete. Let stand several minutes to 
insure completeness of the precipitation; then filter. Wash the precipitate 
with water. 


Filtrate. Test 
for Group IV. 

Precipitate. To the precipitate add 10 or 15 drops of 6 N 
HNO^; stir, and warm on the steam bath 1 mm Filter. 
If any precipitate remains, repeat the treatment with 
HNO 3 , combining the filtrates. Wash the precipitate 
with cold water, discarding the wash water. 

Filtrate. Contains CrOr*, BCL 89 , As0 3 *, 
AsO**, and P0 4 * x 

Test as described under Subgroup III A. 

Precipitate. Contains BaSCL, 
BaSiO,, CaF 2 , and CaSiO*. 
Test as described under Sub- 
group III/? (see Note 8). 
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Anion Group IIIA Analysis 


To the filtrate containing this subgroup add 6 N NaOH, drop by drop 
with thorough stirring, until the solution is very slightly basic to litmus; 
then to the mixture add one-third its volume of 6 N HC2H3O2. Stir; let 
stand 3 or 4 min. ; and filter. 


Filtrate. Contains B0 3 ", As0 3 *, AsO^, and 
P0 4 ™. Evaporate to half its volume, then 
to the mixture add one-fourth its volume of 
6 N HC1. Use the solution as follows. 


Precipitate. BaCr0 4 . 

YELLOW PPT. 
indicates Cr0 4 ”. 


On an inverted crucible lid place 2 drops of 
the solution ; add 8 or 10 drops of alcoholic 
tumeric soln. ; and evaporate to dryness on 
the steam bath. 

RED-BROWN SPOT turning 
BLUISH-BLACK 

on adding IN NaOH shows B0 3 " (or B 4 0 7 ”) 
present (see Note 1). 


To 2 or 3 drops of the solution add 1 drop of 
Cu +f test solution; then add 2 drops of 6 N 
NaOH. 

Stir, then heat to boiling. 

YELLOW or REDDISH PPT. 
indicates AsOs 53 (see Note 2). 


Pass H 2 S into the remainder of the solution 
until precipitation is complete. Filter. 


To the precipitate add 5 or 6 
drops of IN HN0 3 , stir, and 
warm for 1 or 2 min. Add 1 
drop of K 2 S0 4 soln.. stir, 
and filter. 

To 1 drop of the filtrate add 
1 drop of 2 N NH 4 C 2 H 3 0 2 
and 2 drops of 5% AgN0 3 , 
and stir. 

PURPLISH-BROWN PPT. 

confirms Cr0 4 ~. 


To the remainder of the fil- 
trate in a 75-mm. test tube 
add a 1-em. layer of diethyl 
ether and 1 drop of 3% 
II 2 0 2 . Shake quickly and 
observe at once. 

BLUE ETHER LAYER 
confirms Cr0 4 “. 


Filtrate. Add 2 or 3 small crystals 
of NH 4 I, and heat almost to boil- 
ing. Pass in H 2 S until precipita- 
tion is complete. Filter (sec 
Note 5). 


Precipitate. 

BRIGHT YELLOW PPT. 
of As 2 S 3 confirms AsOj** present (sec 
Notes 3 and 4). 


Filtrate. [Evaporate to dryness; add 5 or 6 drops 
of cone? HN0 3 ; and evaporate again to dryness 
Dissolve the residue. in 10 or 15 drops of 6 N 
HN0 3 , warming and stirring. Divide the solu- 
tion into two equal portions. 


Precipitate. 

LIGHT YELLOW PPT. 
shows AsOi 3 present (see 
Note 4). 


To one portion, add half its volume of ammonium molybdate reagent; stir; 
and let stand on the steam bath 10 or 15 min. 


FINE CRYSTALLINE YELLOW PPT. 
indicates P0 4 " (see Note 6). 


To the second portion add cone. NH 4 OH until it is basic, then add 3 or 4 
drops of MgCl 2 soln. Place on the steam bath 10 to 15 min., stirring to 
overcome supersaturation. 


UTXT1? CRYSTALLINE WHITE PPT. 
onfirms P0 4 * (see Note 7) 


3 
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Anion Group IIIB Analysis 

Divide the precipitate into two equal parts, and use these portions to 
test for sulfate and silicate, respectively. Use the original unknown to 
test for fluorides (see Note 8). 

Sulfates. To one portion of the precipitate add an equal volume of 
finely powdered wood charcoal and twice its volume of powdered Na 2 C(K 
Mix thoroughly; then add 1 or 2 drops of water to make a paste Transfer 
this paste to a small depression scraped in a clean chaicoal block, then 
with the reducing flame from a blowpipe heat the mixture ns strongly as 
possible for 3 or 4 min. Let cool; then transfer half the mixture to a freshly 
polished silver coin, and add 1 drop water Set aside 10 or 15 min in an 
HsS-frcc portion of the room Finally, wash and examine the coin. 

YELLOWISH or BROWN STAIN 

on the coin indicates S0 4 ” (Note 9). 

Confirm by dissolving the remainder of the heated mixture in 10 drops of 
waiter, filtering, and treating the filtrate with Pb(C 2 IIa0 2 ) 2 soln and HC^HaO* 
to get a brown or black precipitate of PbS 


Silicates. Prepare a bead of microcosmic salt, NaNHdlPO*, in a loop of 
platinum w r ire, using the procedure described m Cation Cl roup III for the 
preparation of borax beads. Heat the bead until it is a transparent glass; 
then touch the hot bead to a little of the second portion of precipitate 
Heat strongly, cool; and examine the bead; then heat again; and again 
let the bead cool, and examine it. 

PERMANENT TURBIDITY or SKELETON-LIKE STRUCTURE 
in the bead indicates SiOa - present (see Note 10). 

A confirmation test may be performed as follows: Place 8 or 10 drops of the 
original unknown solution m a clean lead dish and evaporate to dryness 
on the water bath. (If the unknown is solid, use a volume the size of a 
match head.) Prepare a loop in a platinum wire; and inserting the glass 
handle attached to the wire through a cork, mount the wire on a ring stand 
Place a drop of distilled water in the loop of the wire; then adjust the loop 
sc it is about 5 mm. above the material in the lead dish on the steam bath. 
Add a little Na 2 F 2 and 2 or 3 drops of cone H 2 S0 4 to the material m the 
dish; stir; and let stand 10 or 15 minutes, occasionally examining the water 
droplet very carefully. 

TURBIDITY 

in the water droplet confirms silicate or Si0 2 (Note 11). 
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Confirm by transferring the droplet to a paraffin-coated slide, adding 1 drop 
of cone HNOj and 1 drop of ammonium molybdate soln. Let stand 2 or 
3 min., then add 1 drop of benzidine soln. 

BLUE COLORATION 
confirms S 1 O 2 or silicates. 

Fluorides. In a lead dish place 8 or 10 drops of the original unknown 
solution (see Note 8). (If the unknown is a solid, use a volume the size 
of a match head.) Heat on the steam bath until all water is removed. In 
the meantime, warm a piece of a glass slide by holding it high over a flame, 
and rub it with paraffin until a thm but uniform coating of wax covers one 
side of the glass. Let the slide cool; then using a knife tip or file tip scratch 
a small design through the wax. Be sure to expose the glass under the lines 
of the design, but do not scratch the glass itself. When all is ready, let the 
lead dish cool; then add just enough cone. II 2 S0 4 to moisten the solid sample. 
Mix with a matchstick, then place the glass, design side down, firmly over 
the lead dish Set aside overnight (see Note 12). Finally, scrape and wipe 
off the paraffin, and examine the glass. 

ETCHED DESIGN 
on the glass shows fluorides present. 

Notes 

1. An excellent check for the presence of borates may be made on this 
same solution. To do this, place 3 or 4 drops of the cold unknown solution 
in a crucible, add an equal volume of saturated KHS0 4 or NaHS0 4 solution 
and 10 or 15 drops of methyl alcohol. Ignite the mixture and note the 
color of the flame. A pale greenish coloration in the edges of the flame 
indicates borates. 

It should be remembered, however, that compounds of copper and of 
barium also give a green coloration to a flame, consequently, the test is 
not useful 111 the presence of these metals. 

2. The reactions occurring here between the Cu _H , the OH~, and the 
AsOs** are as illustrated by the following: 

Cu ++ + 2(OH") Cu(OH) 2 
Cu(OH) 2 + AsOr -► Cu 2 0 4- As0 4 + H 2 0 

3. As the precipitation of As0 3 s is incomplete at the beginning of Group 
III, if AsOa 9 * seems absent, it should be checked in Group IV. 

4. The precipitate obtained here may be checked for arsenic as further 
confirmation if desired. To do this, use the same procedure as was described 
in Cation Group IIR, dissolving the precipitate m NH 4 OH and H 2 0 2 and 
applying the magnesia mixture and the molybdate tests. 

5. The function of the NH 4 I here is as in Cation Group II, to reduce any 
As0 4 " to AsOs". A full discussion of this is given in a footnote on page 
222 and in the discussion on page 2 1 5. 
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6. A dirty white precipitate of molybdie acid sometimes forms here 
instead of the yellow precipitate. If this happens, two things may ho 
assumed: (a) The HNOa concentration is lower than it should he, and ( b ) 
phosphate is prohahly absent. 

As As0 4 " gives the same kind of precipitate as does P0 4 “, it is essential 
that all ASO 4 ” have been removed by II 2 S 111 the preceding test. 

7 If the precipitate obtained with the MgCl 2 is not fine and grainy, add 
several drops of NH 4 C1 to the mixture, stir, and let stand If a grainy 
precipitate remains , PO 4* 1 is present ; but if all the precipitate dissolves, it 
probably was Mg(OH ) 2 and PO 4 3 is absent. 

8 Even if no precipitate is formed in tins subgroup, fluoride may be 
present The precipitation of fluorides in Group III is often incomplete, 
expecially in the presence of ammonium salts or in the absence of sulfates; 
consequently, since the other 1011 s will not interfere, the fluoride test should 
be performed or the original unknown. 

9 The silver com test is really a test for the piesence of sulfur , as the 
test may be obtained from most sulfur compounds. Used as described 
and at this point in the procedure, it constitutes a test for 804 “ merely 
because other sulfur compounds are eliminated. 

10 It must be remembered that if the original unknown were a solid that 
was treated with NaiUOa, the Na 2 GO.< usually will have dissolved small 
quantities of glass from the apparatus Also, the NaOH used earlier 
usually contains silicates from its action on the glass of the reagent bottle. 
Only definite tests should be accepted, therefore, as indicating the presence 
of SiOa“ in the original unknown. 

11. The water turbidity test for silicates and silicon dioxide depends upon 
the following reactions: 

Si0 2 + 2H 2 F 2 -> SiF 4 ( t ) + 2II 2 0 
SiF 4 + 411 2 0 II£i() 4 f | ) + 2H*Fa 

The turbidity is caused by the insoluble gelatinous H 4 Si0 4 . 

The drop of water must be watched carefully, as the precipitate may 
disappear if too much H 2 F 2 vapor zes and dissolves in the water. 

12 If a large amount of fluoride is present in the unknown, the tost may 
be obtained in a few minutes. It is safest, however, to let the test proceed 
overnight. 

ANION GROUP IV ANALYSIS 

Though the filtrate from the Group III precipitation may be used to 
test tor C10 3 “ and for As0 3 ~ (see Note 1), it is obvious that since acetic 
and nitric acids were used earlier in the separation, the tests for 0 2 H 3 0 2 " 
and N0 3 - must be performed on an especially prepared solution of the 
original unknown. Owing to the fact that Mn0 4 ~ is usually decomposed 
during the group separations, it is best identified by tests applied to the 
original unknown. 

Arsenites. Apply the two tests described for As0 3 “ in Anion Group 
I II A to the filtrate from Anion Group III. 
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Chlorate. To 3 drops of the filtrate from Anion Group III add 2 drops of 
4 N HN0 3 , and then add 5% AgN0 3 until precipitation of chloride is com- 
plete and a slight excess of AgN0 3 remains. Filter, discarding the pre- 
cipitate. To the filtrate add 2 or 3 drops of NaHSOa soln., and warm. 

WHITE PRECIPITATE 
of AgCl indicates C10 3 ~ (Note 2). 

If MnC>4~ is absent, test as follows: To 2 or 3 drops of filtrate add 1 drop 
of 6 N H2SO4 and a mixture of 1 drop of fresh starch soln. and 1 drop of 
colorless IN KI soln. Stir the mixture. 

DARK BLUE COLOR 

appearing within 5 sec. confirms C10 3 ~ present (Note 3) 

Nitrate and Acetate. If NOa” is absent (see Note 4), make 3 drops of the 
original unknown solution strongly basic with NaOH and heat m*a gas 
evolution tube (with the top removed,) until tests with red litmus paper 
show the vapor to be free of NII 3 . Wipe any moisture from the upper 
inside of the test tube using a cotton swab, and warm the upper part to be 
sure that no NH 3 is retained. To the mixture of NaOH and NII 3 -free 
unknown add two or three granules of aluminum or a small pinch of zinc 
dust; then assemble the apparatus, putting a piece of moist red litmus 
in the upper tube. Heat 5 or 10 min. on the steam bath, observing the 
paper occasionally. 

BLUE COLOR 

(see Note 5) spreading upward on the litmus paper shows NO a “ present. 

To confirm the presence of nitrates and to test for acetates, make about 
6 drops of the original unknown solution slightly acid with dil H 2 S0 4 , 
then add sat, Ag 2 S04 soln. until precipitation is complete (see Note 6). 
Filter, discarding the precipitate To the filtrate add LV NaOH until it is 
faintly basic ; then add BaCla-CaClo reagent until precipitation is again 
complete. Filter once more; then add K 2 S0 4 soln. to precipitate the excess 
Ba ++ , and filter. Evaporate the filtrate to a volume of about 10 drops; 
filter if necessary; and use this filtrate as the “prepared solution” in the 
following tests. 

To 2 drops of the prepared solution add dil. HC1 until the solution is 
very slightly acid; then add 3 or 4 drops of freshly prepared sat. FeS0 4 
soln., and stir. Incline the tube at an angle of 45° with the horizontal, 
and allow cone. H2SO4 to flow from the tip of a medicine dropper down the 
side of the test tube in such a way as to cause it to form a layer of acid under 
the aqueous layer. Let stand 2 or 3 min., observing occasionally. 

BROWN or REDDISH RING 
at the interface between the liquids confirms NOa“. 
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In the absence of N0 2 ~, C10,~, and other oxidizing agents, Lunge’s test for 
nitrates may be used on some of the prepared solution. To perform this, 
place 1 drop of the solution on a spot plate and beside it place 1 drop of 
diphenylamine reagent. Draw the drops into contact by means of a 
stirring rod. 

DARK BLUE COLORATION 

at the point contact of the two liquids confirms NO* - . Note that this 
is a very sensitive test for N() 3 but is obtained with almost any good oxidiz- 
ing agent. 

To half of the remaining prepared solution in a crucible add a volume of 
arsenous oxide, As 2 0 3 , half the size of a small match head. Heat gently 
with a micro flame to evaporate the liquid; then heat more strongly. Note 
cautiously the odor of any fumes. 

GARLIC-LIKE ODOR 

of the very poisonous substance, cacodyl oxide, indicates OiHiO," present. 
(Note: Several other organic compounds not considered here will give the 
same test.) 

Permanganate. If the original unknown is colorless, Mn0 4 is absent, as 
this is very intensely colored. If the unknown is purple in color, test as 
follows: 

To 2 or 3 drops of the original unknown add II 2 S0 4 until it is definitely 
acid; then add II 2 0 2 , drop bv drop. 

RAPID DISAPPEARANCE of VIOLET COLOR of MnOr 

accompanied (in high concentrations of MnG 4 “) with evolution of 0 2 shows 
Mn0 4 ~ present This should be checked against the cation analysis which 
should show the presence of manganese if Mn0 4 “ is present. 


Notes 

1. Owing to incomplete precipitation of AsOc in Anion Group III, small 
concentrations of this ion may be missed m that group In absence of posi- 
tive tests for AsO-r in Anion Croup III, therefore, run the identification 
tests described there, using this solution. 

2. This test for C10 3 ~ depends upon the following reactions: 

CIO,- + 3SOa- -> Cl- -f* 3S0 4 - 
Cl- + Ag + -> AgCl 

3. It will be recalled that the reaction of starch-KI to form a blue solution 
constitutes a test for oxidizing agents in general. It is only when other 
oxidizing agents are absent that a positive test here is indicative of C10 3 ~. 
The test must be definite and must be used only as a confirmation test, as 
sometimes weak tests are obtained by the action of excessive quantities of 
N0 3 - from the HN0 3 used earlier. 
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If the solution turns brown instead of blue, add a few drops of CC1 4 and 
shake the mixture. A violet coloration in the CC1 4 is due to free iodine, 
and such a result constitutes a positive test. 

4. If N0 2 ~ is present, the tests described here for N0 3 - are undependable, 
as N0 2 “ is readily converted to N0 3 ~ on standing or on being heated: 

2N0r -> N0 3 - + NO 

Any tests made for N0 8 ~ in the presence of NO-f must be made on the 
original unknown, with as little manipulation as possible. For such tests 
see more comprehensive textbooks. 

5. If the litmus paper shows small blue spots, the coloration is due to spray 
of the alkaline solution carried upward with the vapor and hydrogen. In 
such cases the test must be repeated. 

6. The Ag 2 S0 4 is used to remove any Group II anions. If these anions 
(with the exception of Cl“) are absent, this step may be omitted. 

For similar reasons, the BaCl 2 -CaCl 2 reagent need not be used if Cr0 4 CT 
(in Anion Group III) is absent. 
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Table VII. — Oxidation- reduction Potentials* 
Electrode Reaction 
Li + + c — * Li 
Cs + 4- « — ► Cs 
llb+ + 6 “> Rb 
K+ + € — K 
Ba++ + 2c -> Ba 
Sr ++ + 2c — Sr 
Ca ++ + 2e -> Ca 
Na + + e —> Na 
Mg ++ + 2e — » Mg 
^H 2 4- € - II" 

Ti ++ 4- 2e -> Ti 
A1+++ + 36 — A1 
Mn ++ 4- 2e -> Mn 
Zn ++ 4- 2c —► Zn 
Cr ++ + + 3e -> Cr 

II 3 P0 3 4- 211 + 4- 2c -> II 2 0 4- H.PO* 

As 4- 3H + 4~ 3c — > AsIIa 

Fe H + 4- 2c -> Fe 

2H f (10~ 7 A/) 4- 2c -> 1I 2 

Cr +++ 4- * -> Cr ++ 

Cd ++ 4- 2c -* Cd 

Co ++ 4- 2c Co 

PbCla 4- 2c -> 2C1- 4- Pb 
Ni++ 4- 2c -» Ni 

H 3 PO 4 4- 2 H+ 4 - 2e —> H 2 0 4* II.PO. 

Cul 4 - e -> Cu 4 - I- 
Agl 4- € -> Ag 4- I~ 

Sn++ 4- 2c — » Sn 
Pb ++ 4- 2c Pb 
Hg 2 I 2 4- 2c — ► 21- 4- 2Hg 
Hglr + 2c -> 41- 4- Hg 
Fe ++ + 4- 3c — ► Fe 
2H+ 4- 2c -> H 2 
CuBr 4- e — ► Br~ 4- Cu 
AgBr 4- « -* Br~ 4- Ag 
CuCl 4- € — Cl" 4- Cu 


E.m.f., Volt 
-3.02 
-3.02 
-2.99 
-2.922 
-2.90 
-2.89 
-2.87 
-2.712 
-2 34 
-2.33 
-1.75 
- 1 . 6 7 
- 1 . 0f> 
-0.7020 
-0.71 
-0.59 
-0.54 
-0.440 
-0.414 
-0.41 
-0.40 
-0.277 
-0.208 
-0.250 
- 0.20 
-0.187 
-0. 151 
-0.130 
-0.126 
-0.0405 
-0.04 
-0.036 
0.000 
4-0.033 
4-0.073 
4-0.124 


* Adapted from Latimer and Hildeb^an' 1 “Ref Book of Inorganic 
Chemistry.’ ’ 
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Table VII. — Oxidation-reduction Potentials.* — {Continued) 


Electrode Reaction 

E.m.f , Voltf 

S + 2H + + 2'~+ H»S 

+0 141 

g n ++++ + 2 e -> Sn ++ 

+0 15 

Cu++ + 6 — Cu+ 

+0 167 

CuCl 2 - + e — 2C1- + Cu 

+0 19 

SO. — + 4H+ + 2e-> HsO + H s SOi 

+ 0 20 

SbO + + 2H+ + 3. Sb + HsO 

4-0 212 

AgCl + s -» Cl- + Ag 

+0 2222 

HgsOls + 2s — 201- + 2Hg 

+0 2676 

BiO + + 2H + + 3e -» HsO + Bi 

+0 32 

Ou ++ + 2s -* Cu 

+0 344 

Fe(CN), + e -» Fo(ON), 

+0 36 

HjSO, + 4H+ + 4s 311,0 + S 

+0 45 

Cu + -f e — ► Cu 

+0 522 

I, + 2s -> 21- 

+0 5345 

I 3 ~ + 2e -> 31- 

+0 .5355 

H,AsO, + 2H+ + 2. -> HAsO, + 211,0 

+0 559 

Ou* 1 " + 01- + e-+0u01 

+0 566 

Sbs0 5 + 6II + + 4e — 3H 2 0 + 2SbO + 

4-0 64 

Ou ++ 4- Br~ + e — * CuBr 

4-0 657 

Os + 2II+ + 2s -* HsOs 

4-0 682 

PtOl,- + 2s -* 201“ + Pt( '1. 

4- 0 72 

PtCl 4 ~ + 2« -» 401- + Pt 

4-0 73 

H,SeO, + 4H+ + 4. -> Se + 3IIsO 

4-0 740 

Fe +++ + « -> Fo ++ 

4-0 771 

Hg s ++ +2e~* 2Hg 

4-0 7986 

A g + + s -+ Ag 

4-0 797 

2NO,- + 4H+ + 2. — 2HsO + NsO. 

4-0 81 

Os + 4H+(10-'M) + 4s -+ 2IIsO 

+0 815 

Pd ++ + 2s -* Pd 

4-0 83 

Hg ++ + 2. — Hg 

4-0 854 

2Hg +f + 2. Hgs+ + 

+0 910 

NO>- + 3H+ + 2s -» HNOs + HsO 

4-0 94 

NO,~ 4- 4H+ + 3s — ► NO 4- 2H 2 0 

+ 0 96 

HNOs + H+ + s -* NO + HsO 

4-0 99 

AuClo 4" 3« — * 401“ + Au 

+ 1 00 

10,- + 6H+ + 6s -> 3H,0 + I- 

+ 1 085 

Brs(aq) + 2s — ♦ 2Br“ 

4-1 087 

SeO. — + 4H+ + 2e->- H,0 + HsSeOs 

4-1 15 

10,- + 6H+ + 5, -> Mh + 3HsO 

+ 1 195 

Pt++ + 2« -► Pt 

about 4-12 

Os + 4H+ + 46 2H,0 

4-1 229 

MnO, + 4H+ + 2. -> 2H,0 + Mn++ 

+ 1 28 

8H+ + ClOr + 7s -> HCl, + 4H,0 

4-1 34 


* Adapted from Latimer and Hildebrand, ‘‘Reference Book of Inorganic 
Chemistry.” 
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Table VII — Oxidation-reduction Potentials.* — ( Continued ) 


Electrode Reaction 

K.m.f., Volts 

^Cl 2 + € -> Cl- 

4*1358 

Cr 2 0 7 ~ + 14H+ 4* 6c -> 7Ii 2 0 + 2Cr +++ 

4-1.36 

Au +++ + 3c Au 

4-1.42 

C10 3 " + 6H+ -f 6c -* 3H 2 0 + Cl“ 

4*1.45 

Pb0 2 + 4H+ + 2c -> 211 2 0 + Pb++ 

4*1 .456 

6H+ + CI0 3 - + 5c — HC1 2 + 3II 2 0 

4-147 

Mn +++ + e Mn ++ 

+ 1.51 

Br0 3 - + 6H+ + 5c ^Br 2 + 3H 2 0 

4*1.52 

Mn0 4 “ + 8H+ + 5c -> 4H 2 0 + Mn ++ 

4*1.52 

Bi 2 0 4 + 4H+ + 2c 2H 2 0 + 2BiO + 

about 4- 1 . 59 

HBrO -f H + + e -» MBr 2 + H 2 0 

4-1 59 

Ce + - +++ 4* e -> Ce+++ 

4-1.61 

H+ + HC10 + c -> ^Cl, + H 2 O 

4-163 

MnOr + 4H+ 4- 3c -> 2H 2 (> + Mn0 2 

4-167 

Au + 4* « —*• Au 

4-1.68 

Pb0 2 4- SO 4 4- 4II+ 4- 2c ---> 2II 2 0 4* PbS0 4 

4-1.685 

II 2 0 2 4- 2H+ 4- 2c — 2H 2 0 

4-1.77 

Co +++ 4- ^ — Co++ 

4-184 

S 2 0 8 4 * 2c — 2S0 4 

4-2.05 

0 3 + 2H ' + 2c -> O a 4- H 2 0 

4-2.07 

F 2 -j- 2c — ► 2F“ 

4-2.85 

F 2 4- 2H+ 4- 2c 2HF 

4-3.03 


* Adapted from Latimer and Hildebrand, “Reference Book of Inorganic 
Chemistry. 
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Table VIII. — Oxidation-reduction Potentials — Classified by Key 

Elements 


Key element 

Aluminum . . 
Antimony 

Arsenic 

Barium 

Bismuth 

Bromine 

Cadmium . 
Calcium . 
Cerium 
Cesium 

Chlorine . 

Chromium 
Cobalt . 

Copper 

Fluorine 
Gold 

Hydrogen 


Electrode reaction 


Al +++ + 36 A1 

(SbO + + 2H+ + 3e -> Sb + H 2 0 

}Sb 2 0 4 + 6H+ + 4e -> 2SbO + + 3H a O 

l As +3H+ + 3e->AsII 3 

I H 3 As0 4 + 2H+ + 26 -> HAs0 2 + 2H 2 0 

Ba ++ + 2e -» Ba 

( BiO + + 2H+ + 3e — ► Bi + H 2 0 

( Bi 2 0 4 4* 4H4 4- 2 e -> 2BiO+ 4- 2II 2 0 

(Br 2 (aq ) 4“ 2e — * 2Br“ 

<Br0 3 - 4* 6H+ + 5« ^Br 2 4- 3H 2 0 
( HBrO 4- H + 4- f ^Br 2 + H 2 0 
Cd++ + 2e -> Cd 
Ca +f 4- 26 -> Oa 
C e ++++ 4- 6 -> Ce +++ 

Os+ 4- e — > Cs 

/C10 4 - 4- 8II+ 4- 7e — > ^Cl 2 4- 4H 2 0 
Hdt + € -> Ci- 

C10 3 - 4- 6H+ 4- 6e -* Cl" 4- 3H 2 0 
ClOr + 6H+ + 56 — I<Cli + 3H 2 0 
\hcio + H+ 4* € -> MCI, + H 2 0 

( Cr +++ 4- 3e Or 
< Cr +++ + 6 -> Cr ++ 

/Cr 2 0 7 “ 4- 14H+ 4- 66 -> 2Cr+++ + 7H 2 0 
( Co 4 f 4* 2e — ► Co 
]Co +++ 4- c — » Co f+ 

I Cul 4* € — > Cu 4 Br- 
CuOl 4 e -> Cu 4 Cl- 
Cu ++ 4- € — > Cu+ 

CuCl 2 - 4- e -> Cu 4- 2C1“ 

Ou ++ 4- 2e Cu 
Cu+ + « -> Cu 
Cu ++ 4- Cl- 4- € -> CuCl 
Cu 1 " 1 * 4- Br" + e — > CuBr 
<F 2 4-2 € ->2F- 
(F a 4-H 2 4- 2e — > 2HF 
( AuCU- + 36 -> Au 4- 4C1- 
< Au +++ 4- 3« -> Au 
( Au + 4- « — 5 ► Au 
(4Hi 4-e-^H- 
<2H + (10“ 7 ) 4- 26 H 2 

/h+ + «- 


E.M.F , 


volts 

-1 

67 

+0 

212 

+0 

64 

-0 

54 

+0 

559 

-2 

90 

4-0 

32 

+ 1 

59 

+ 1 

087 

+ 1 

52 

4-1 

59 

-0 

40 

—2. 

.87 

+ 1 

61 

-3 

02 

4-1 

34 

+1 

358 

4-1 

45 

+ 1 

47 

4-1 

63 

-0 

71 

-0 

41 

+ 1 

36 

-0 

277 

+1 

84 

4-0 

033 

4-0 

124 

+0 

167 

+0 

19 

+0 

344 

+0 

522 

+0 

566 

+0 

657 

4-2 

85 

4-3 

03 

+ 1 

00 

4-1 

42 

4-1 

68 

-2 

33 

-0 

414 

0 

000 
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Table VIII. — Oxidation-reduction Potentials — Classified by Key 
Elements — ( Continued ) 


Key element 

Iodine 

Iron 

Lead . 

Lithium 
Magnesium . 

Manganese 

Mercury 

Nickel 

Nitrogen 

Oxygen 

Palladium 

Phosphorus 

Platinum . . . 


Electrode reaction 


! I 2 + 2e -> 21- 
I 3 " 4 2e -> 31- 

I0 3 “ + 6H+ 4 6e — ► 1“ 4 3H 2 0 
I0 3 - 4- 6H+ 4- 5e -> '$U 4- 311 2 0 

! Fe+ + 4* 2e — * Fe 
Fe" 1 ++ 4- 3e -> Fc 
Fe(CN) 6 “ 4- c Fc(ON)« s 
Fe +++ 4- € — Fe 4 + 

! Pbci 2 4 - 2 € -> Pb 4201 - 
Pb +4 4 - 2 e -> Ph 

Pb0 2 4- 4H+ -f 2e — ► Pb+<- 4 2H 2 0 
Pb0 2 4- SOr 4 4H+ 4- 2t -> PbS0 4 4 2II 2 0 
Li *■ 4- * — Li 
Mg +4 4 2e — > Mg 
fMn ++ + 2t — * M 11 
M 11 O 2 4 411 ' 4 2e Mn ♦ « 4 2H 2 0 
< Mn +++ 4 e -> Mn ¥ f 
MnOr 4 8H + 4 5f --*■ Mn++ 4 4H 2 0 
\Mr 1 O 4 ~ 4 HI 4 * f 3e -> MnO z 4 211 2 0 

1 Ilg 2 l 2 4 2e-^2IIg 4 21- 

Hgl 4 “ 4 2e -> Hg 4 41- 
Hg 2 ('l 2 4 2e->2Hg 4 2C1- 
IIg 2 ^ 4 2e-2Hg 
Hg f f 4 2e Hg 
2Hg 44 * 4 2« — Hg 2 4 + 

Ni +f 4 2e — ► Ni 

! 2N0 3 “ 4 4H+ 4 2e — ► N 2 O 4 4 2I1 2 0 
NO," 4 3H + 4 2e -> HN0 2 4 H 2 0 
N0 3 - 4 4II+ 4 € “> NO 4 2H 2 0 
HN0 2 4H + 4^N04 II 2 0 

! 0 2 4 2H + 4 2e — ► H 2 0 2 
0 2 4 4II+(10-U/) 4 4e — ♦ 211 2 0 
0 2 4 4H+ 4 4e — 2H 2 0 
II 2 0 2 4 2H+ 4 2e — 2H 2 0 
0 3 4 2H+ 4 2e — > II 2 0 4 0 2 
Pd ++ 4 2e-> Pd 

(H 3 P0 3 4 2H + 4 2 e — H 3 PO 2 4 H 2 0 
/H 3 P0 4 4 2H + 4 2e -> H,PO ( , 4 H 2 O 
iPtCl 6 - 4 26 -> PtCl 4 “ 4 201- 
]ptCl4’ 4 26-^Pt 4 401- 
(Pt + + 4 2e — Pt 


E.M F , 
volts 

40 534 

40 5355 

41 085 
41 195 
-0 41 
-0 030 
40 30 

40 771 
-0 208 
-0 120 

41 450 
41 085 
-3 02 
-2 31 
-1 05 
41 28 
41 51 
41 52 
4 1 07 
-0 0405 
-0 04 
40 207 
40 7980 
40 854 
40 910 
-0 250 
40 81 
40 94 
40 90 
40 99 
40 082 

40 815 

41 229 
41 77 
42.07 
40 83 
~0 59 
-0 20 
40 72 
40 73 
41.2 





304 


SEMI MICRO QUALITATIVE ANALYSIS 


Table VIII. — Oxidation-reduction Potentials — Classified by Key 
Elements. — {Continued) 


Key element 

Electrode reaction 

E.M.F., 

volts 

Potassium 

K + + « -* K 

-2.92 

Rubidium 

Rb+ + . — Rb 

-2.99 

Selenium 

(H 2 Se0 3 + 4H+ + 4c Se 4 3H 2 0 

40.74 

jSeOr 4 4H+ 4 2c -► II 2 Se0 3 4 H 2 0 

4145 

Silver 

/Ag + + e Ag 
lAgl 4 € -» Ag 4- 1“ 

40.797 

-0.151 

j AgBr 4 6 — * Ag 4- Br~ 

40.073 

Sodium 

VAgCl 4 e -> Ag 4- Cl” 

Na + + € Na 

40.222 

-2.712 

Strontium 

Sr ++ 4 2e — > Sr 

-2.89 

Sulfur 

/S 4 2H+ 4 2e H 2 S 

JSOr 4 4H+ 4 2c -> H 2 S0 3 4 H„0 
)H 2 SO* 4 4H ' 4 4c — ► S 4 3H >0 

40.141 

40.20 

40.45 

Zine 

lS 2 0 8 “ 4 2c -> 2SO” 

Zn++ 4 2c Zn 

42.05 

-0.762 
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Logarithms 


No. 

0 

1 

2 

3 

4 

5 

6 

7 

8 

9 

1 

2 

3 

4 5 6 

7 8 9 

10 

0000 

10043 

0086 

> 0128 

;oi70 

10212 

! 0253 

0294 

0334 

0374 

4 

8 

12 

17 

21 

25 

m 

33 

37 

11 

0414 

0453 

0492 

10531 

0569 

0607 

0645 

0682 

0719 

0755 

4 

8 

11 

15 

19 

23 

26 

30 

34 

12 

0792 

: 0828 

1 0864 

0899 

0934 

0969 

1 1004 

1038 

1072 

1106 

3 

7 

10 

14 

17 

21 

24 

28 

31 

13 

1139 

1 1173 

1206 

» 1239 

> 1271 

1303 

1335 

1367 

1399 

1430 

3 

6 

10 

13 

16 

19 

23 

26 

29 

14 

1461 

1492 

1523 

1553 

1584 

1614 

1644 

1673 

1703 

1732 

3 

6 

9 

12 

15 

18 

21 

24 

27 

15 

1761 

1790 

1818 

1847 

1875 

1903 

1931 

1959 

1987 

2014 

3 

6 

8 

11 

14 

17 

20 

22 

25 

16 

2041 

2068 

2095 

2122 

2148 

2175 

2201 

2227 

2253 

2279 

3 

5 

8 

11 

13 

16 

18 

21 

24 

17 

2304 

2330 

2355 

2380 

2405 

2430 

2455 

2480 

2504 

2529 

2 

5 

7 

10 

12 

15 

17 

20 

22 

18 

2553 

2577 

2601 

2625 

2648 

2672 

2695 

2718 

2742 

2765 

2 

5 

7 

9 

12 

14 

16 

19 

21 

19 

2788 

2810 

2833 

2856 

2878 

2900 

2923 

2945 

2967 

2989 

2 

4 

7 

9 

11 

13 

16 

18 

20 

20 

3010 

3032 

3054 

3075 

3096 

3118 

3139 

3160 

3181 

3201 

2 

4 

6 

8 

11 

13 

15 

17 

19 

21 

3222 

3243 

3263 

3284 

3304 

3324 

3345 

3365 

3385 

3404 

2 

4 

6 

8 

10 

12 

14 

16 

18 

22 

3424 

3444 

3464 

3483 

3502 

3522 

3541 

3560 

3579 

3598 

2 

4 

G 

8 

10 

12 

14 

15 

17 

23 

3617 

3636 

3655 

3674 

3692 

3711 

3729 

3747 

3766 

3784 

2 

4 

6 

7 

9 

11 

13 

15 

17 

24 

3802 

3820 

3838 

3856 

3874 

3892 

3909 

3927 

3945 

3962 

2 

4 

5 

7 

9 

11 

12 

14 

16 

25 

3979 

3997 

4014 

4031 

4048 

4065 

4082 

4099 

4116 

4133 

2 

3 

5 

7 

9 

10 

12 

14 

15 

26 

4150 

4166 

4183 

4200 

4216 

4232 

4249 

4265 

4281 

4298 

2 

3 

5 

7 

8 

10 

11 

13 

15 

27 

4314 

4330 

4346 

4362 

4378 

4393 

4409 

4425 

4440 

4456 

2 

3 

5 

6 

8 

9 

11 

13 

14 

28 

4472 

4487 

4502 

4518 

4533 

4548 

4564 

4579 

4594 

4609 

2 

3 

5 

6 

8 

9 

11 

12 

14 

29 

4624 

4639 

4654 

4669 

4683 

4698 

4713 

4728 

4742 

4757 

1 

3 

4 

0 

7 

9 

10 

12 

13 

30 

4771 

4786 

4800 

4814 

4829 

4843 

4857 

4871 

4886 

4900 

1 

3 

4 

6 

7 

9 

10 

11 

13 

31 

4914 

4928 

4942 

4955 

4969 

4983 

4997 

5011 

5024 

5038 

1 

3 

4 

6 

7 

8 

10 

11 

12 

32 

5051 

5065 

5079 

'5092 

5105 

5119 

5132 

5145 

5159 

5172 

1 

3 

4 

5 

7 

8 

9 

11 

12 

33 

5185 

5198 

5211 

5224 

5237 

5250 

5263 

5276 

5289 

5302 

1 

3 

4 

5 

6 

8 

9 

10 

12 

34 

5315 

5328 

5340 

5353 

5366 

5378 

5391 

5403 

5416 

5428 

1 

3 

4 

5 

6 

8 

9 

10 

11 

35 

5441 

5453 

5465 

5478 

5490 

5502 

5514 

5527 

5539 

5551 

1 

2 

4 

5 

6 

7 

9 

10 

11 

36 

5563 

5575 

5587 

5599 

5611 

5623 

5635 

5647 

5658 

5670 

1 

2 

4 

5 

6 

7 

8 

10 

11 

37 

5682 

5694 

5705 

5717 

5729 

5740 

5752 

5763 

5775 

5786 

1 

2 

3 

5 

6 

7 

8 

9 

10 

38 

5798 

5809 

5821 

5832 

5843 

5855 

5866 

5877 

5888 

5899 

1 

2 

3 

5 

6 

7 

8 

9 

10 

39 

5911 

5922 

5933 

5944 

5955 

5966 

5977 

5988 

5999 

6010 

1 

2 

3 

4 

5 

7 

8 

9 

10 

40 

6021 

6031 

6042 

6053 

6064 

6075 

6085 

6096 

6107 

6117 

1 

2 

3 

4 

5 

6 

8 

9 

10 

41 

6128 

6138 

6149 

6160 

6170 

6180 

6191 

6201 

6212 

6222 

1 

2 

3 

4 

5 

6 

7 

8 

9 

42 

6232 

6243 

6253 

6263 

6274 

6284 

6294 

6304 

6314 

6325 

1 

2 

3 

4 

5 

6 

7 

8 

9 

43 

6335 

6345 

6355 

6365 

6375 

6386 

6395 

6405 

6415 

6425 

1 

2 

3 

4 

5 

6 

7 

8 

9 

44 

6435 

6444 

6454 

6464 

6474 

6484 

6493 

6503 

6513 

6522 

1 

2 

3 

4 

5 

6 

7 

8 

9 

45 

6532 

6542 

6551 

6561 

6571 

6580 

6590 

6599 

6609 

6618 

1 

2 

3 

4 

5 

6 

7 

8 

9 

46 

6628 

6637 

6646 

0656 

6665 

6675 

6684 

6693 

6702 

6712 

1 

2 

3 

4 

5 

6 

7 

7 

8 

47 

6721 

6730 

6739 

6749 

6758 

6767 

6776 

6785 

6794 

6803 

1 

2 

3 

4 

5 

5 

6 

7 

8 

48 

6812 

6821 

6830 

6839 

6848 

6857 

6866 

6875 

6884 

6893 

1 

2 

3 

4 

4 

5 

6 

7 

8 

49 

6902 

6911 

6920 

6928 

6937 

6946 

6955 

6964 

6972 

6981 

1 

2 

3 

4 

4 

5 

6 

7 

8 

50 

6990 

6998 

7007 

7016 

7024 

7033 

7042 

7050 

7059 

7067 

l 

2 

3 

3 

4 

5 

6 

7 

8 

51 

7076 

7084 

7093 

7101 

7110 

7118 

7126 

7135 

7143 

7152 

1 

2 

3 

3 

4 

5 

6 

7 

8 

52 

7160 

7168 

7177 

7185 

7193 

7202 

7210 

7218 

7226 

7235 

1 

2 

2 

3 

4 

5 

6 

7 

7 

53 

7243 

7251 

7259 

7267 

7275 

7284 

7292 

7300 

7308 

7316 

1 

2 

2 

3 

4 

5 

6 

6 

7 

54 

7324 

7332 7340 

7348 

7356 

7364 

7372 

7380 

7388 

7396 

1 

2 

2 

3 

4 

5 

6 

6 

7 
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Logarithms ( Continued ) 

No. I 0 I 1 I 2 I 3 4 5 6 7 8 9 123 4561789 


55 7404 7412 7419 7427 7435 7443 74517459 7466 7474 1 2 2 3 4 5 5 6 7 

56 7482 7490 7497 7505 7513 7520 7528 7536 7543 7551 1 2 2 3 4 5 5 6 7 

57 7559 7566 7574 7582 7589 7597 7604 7012 7619 7627 1 2 2 3 4 5 5 6 7 

58 7634 7642 7649 7057 7664 7672 7679 7686 7094 7701 1 1 2 3 4 4 5 6 7 

59 7709 7716 7723 7731 7738 7745 7752 7760 7767 7774 1 1 2 3 4 4 3 6 7 

60 7782 7789 7796 7803 7810 7818 7825 7832 7839 7846 1 1 2 3 4 4 5 6 6 

61 7853 7860 7868 7875 7882 7889 7896 7903 7910 7917 1 1 2 3 4 4 5 6 6 

62 7924 7931 7938 7945 7952 7959 7966 7973 7980 7987 1 1 2 3 3 4 5 6 6 

63 7992 8000 8007 8014 8021 8028 8035 8041 8048 8055 1 1 2 3 3 4 5 5 6 

64 8062 8069 8075 8082 8089 8090 8102 8109 8110 8122 1 1 2 3 3 4 5 5 6 

65 8219 8136 81428149 8156 8102 8169 8176 8182 8189 1 1 2 3 3 4 5 5 6 

66 8195 8202 8209 8215 8222 8228 8235 82418248 8254 1 1233455C 

67 82618207 8274 8280 8287 8293 8299 8306 8312 8319 l l 2 3 3 4 5 5 c 

68 8325 83318338 8344 83518357 8363 8370 8376 8382 1 1 2 3 3 4 4 5 0 

69 8388 8395 84018407 8414 8420 8426 8432 8439 8445 1 1 2 2 3 4 4 5 6 

70 8451 8457 8463 8470 8476 8482 8488 8494 8500 8506 1 1 2 2 3 4 4 5 6 

71 8513 8519 8525 8531 8537 8543 8549 8555 8561 8567 112234455 

72 8573 8579 8585 85918597 8603 8009 8015 8621 8627 1 1 2 2 3 4 4 5 5 

73 8633 8639 8645 86518657 8063 8669 8675 80818686 111234455 

74 8692 8698 8704 8710 8710 8722 8727 8733 8739 8745 1 1 1 2 3 4 4 5 5 

75 8751 8756 8762 8768 8774 8779 8785 8791 8797 8802 112233455 

76 8808 8814 8820 8825 88318837 8842 8848 8854 8859 1 1 2 2 3 3 4 5 5 

77 8865 88718876 8882 8887 8893 8899 8904 8910 8915 1 1 2 2 3 3 4 4 5 

78 89218927 8932 8938 8943 8949 8954 8960 8905 8971 112233445 

79 8976 8982 8987 8993 8998 9004 9009 9015 9020 9025 1 1 2 2 3 3 4 4 5 

80 90319036 9042 9047 9053 9058 9063 9069 9074 9079 1 1 2 2 3 3 4 4 5 

81 9085 9090 9096 91019106 9112 9117 9122 9128 9133 1 1 2 2 3 3 4 4 5 

82 9138 9143 9149 9154 9159 9165 9170 9175 9180 9186 1 1 2 2 3 3 4 4 5 

83 9191 9196 9201 9206 9212 9217 9222 9227 9232 9238 1 1 2 2 3 3 4 4 5 

84 9243 9248 9253 9258 9263 9269 9274 9279 9284 9289 1 1 2 2 3 3 4 4 5 

85 9294 9299 9304 9309 9315 9320 9325 9330 9335 9340 1 1 2 2 3 3 4 4 5 

86 9345 9350 9355 9360 9365 9370 9375 9380 9385 9390 1 1 2 2 3 3 4 4 5 

87 9395 9400 9405 9410 9415 9420 9425 9430 9435 9440 0 1 1 2 2 3 3 4 4 

88 9445 9450 9455 9460 9465 9469 9474 9479 9484 9489 0 1 1 2 2 3 3 4 4 

89 9494 9499 9504 9509 9513 9518 9523 9528 9533 9538 0 1 1 2 2 3 3 4 4 

90 9542 9547 9552 9557 9562 9566 95719576 95819586 011223344 

91 9590 9595 9600 9605 9609 9614 9619 9624 9628 9633 0 1 1 2 2 3 3 4 4 

92 9638 9643 9647 9652 9657 96619666 96719675 9680 0 1 1 2 2 3 3 4 4 

93 9685 9689 9594 9699 9703 9708 9713 9717 9722 9727 0 1 1 2 2 3 3 4 4 

94 97319736 97419745 9750 9754 9759 9763 9768 9773 0 1 1 2 2 3 3 4 4 


95 9777 9782 9786 97919795 9800 9805 9809 9814 9818 0 1 1 2 2 3 3 4 4 

96 9823 9827 9832 9836 98419845 9850 9854 9859 9863 0 1 1 2 2 3 3 4 4 

97 9868 987298779881 9886 9890 9894 9899 9903 9908 0 1 1 2 2 3 3 4 4 

98 9912 991799219926 9930 9934 9939 9943 9948 9952 0 1 1 2 2 3 3 4 4 

99 995699619965 9969 9974 9978 9983 9987 99919996 0 1 1 2 2 3 3 3 4 


List of Apparatus 

Individual 

2 Beakers, one 250 ml. and one 400 ml. 

2 Crucibles. 

1 Crucible lid. 

1 Cylinder, graduated, 10 ml. 

1 Dish, lead (about 2 cm. diameter and 1 cm. deep) 

Filter paper (2 doz. sheets, acid-treated). 

1 File, triangular. 

1 Flask, Erlenmeyer, 25 ml. or 50 ml. 

1 Flask, Florence 500 ml. (to be made into a wash bott le See lig. 25) 
6 Glass rods, 2 mm. by 15 cm long. 

Litmus paper, blue and red. 

12 Medicine droppers. 

6 Microscope slides. 

1 Microbeaker, 5 ml. 

2 Rubber stoppers, one No. 2 (one-hole) and one No. 5 (two-hule). 

1 Sponge. 

1 Spot plate, Pyrex, nine-depression. 

1 Steam bath (see Fig. 21). 

6 Test tubes, Pyrex, 100 by 13 mm. 

18 Test tubes, Pyrex 75 by 10 mm. 

1 Test tube, Pyrex, 150 by 18 mm. 

1 Test-tube brush. 

1 Test-tube holder. 

1 Test-tube rack (with J^-in. holes). 

1 Tongs, crucible. 

1 Towel. 

2 Ft. tubing, glass, 6 mm. O.D. 

1 Ft. tubing, rubber. 

2 Watch glasses, 40 mm. diameter. 

1 Wing top. 

1 Wire, platinum or niehrome flame test. 

1 Wire gauze. 

1 Wire triangle. 


General 

In addition to the above, blowpipes, ring stands equipped with rings 
and clamps, Bunsen burners, and centrifuges (one for each 10 or 12 students) 
should be available. The Bunsen burner may be used as a micro burner 
by unscrewing the burner tube and lighting the gas at the orifice in the base. 
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The authors recommend the more sturdy electrically driven centrifuges 
with the angle-type head, which have been designed for semimicro work. 
Experience has shown that their greater original cost, as compared with the 
cheaper hand-driven types, is many times more than offset by their greater 
durability. 

Reagent Blocks 

Reagent blocks of the individual type, containing the most frequently 
used reagents and supplemented by the less common on a side shelf, save 
much running about the laboratory and decrease loss of time. 

The authors have found that a reagent block* made from a wooden block 
12 by 18 by 2 in. thick containing 60 holes bored to hold 3-dram vials and 
24 holes to hold 1-dram vials can serve four students each period. The 
block is mounted on blocks in the middle of the table at a point equally 
convenient for each of two pairs of students. The larger vials are fitted 
with Barne’s type dropper stoppers and are used for solutions. All vials 
are labeled on both sides, and the vials and their positions are numbered. 


* The block described here and the working arrangement is shown in the 
illustration in the article, “Advantages of Semimicro Technic in Teaching 
Qualitative Analysis , 1 ” by Arthur, Burrows, Smith, and Adams, J. Chem. 
Educ. 18, 385 (1941). 



List of Reagents 

(All chemicals are reagent grade) 

SOLIDS 

Aluminum, granular. 

Ammonium iodide. 

Ammonium persulfate. 

Arsenous oxide. 

IJorax. 

Carborundum, fine granular. 

Charcoal, stick. 

Copper (pellets or short wires). 

Ferrous ammonium sulfate. 

Hydrogen sulfide generating materials (see page 194). 

Iron filings (or wire). 

Lead dioxide. 

Microcosm ic salt. 

Paraffin. 

Potassium chlorate. 

Sodium carbonate. 

Sodium cobaltinitrite. 

Sodium peroxide. 

Starch-KI paper. 

Zinc (granular, and dust). 

LIQUIDS AND SOLUTIONS f 

Acid, acetic: 

Dilute (6 #). 

Dilute (exactly 1#). 

Acid, hydrochloric: 

Concentrated (approximately 12#). 

Dilute (6#). 

Acid, iodic (0.05 M): 

Dissolve 1.07 g. of KI0 3 in 100 ml. of 0.05# H 2 S0 4 , or dissolve 0.88 g. 
of HIOs in 100 ml. of water. 


f Those reagents which are starred ( *) are either unstable or volatile. It 
is recommended that they not be put in individual student reagent blocks 
but instead be put in larger dropping bottles (about 2 oz.) on the side shelf. 
In this way the condition of the reagent is more easily checked by the 
instructor. 
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Acid, nitric: 

Concentrated (approximately 16 N). 

Dilute (6 AT). 

Dilute (4AT). 

Acid, sulfuric 

Concentrated (approximately 36 N). 

Dilute (OAT). 

Acid, tartaric 

Dissolve 10 g in 100 ml of water 
Alcohol, ethyl (96 per cent) 

Alcohol, methyl. 

* Alizarin reagent: 

Dissolve 0 05 g. of alizarin S (blue) in 100 ml of 50 per cent acetone and 
add 2 drops of glacial acetic acid. 

* Aluimnon reagent: 

Dissolve 0,1 g of alunnnon (the ammonium salt of aurm tricarboxylic 
acid) m 100 ml of water 
Ammonium acetate. 

6jV solution: Dissolve 46 2 g. m water and dilute to 100 ml. 

2.5# solution* Dissolve 18 g in water and dilute to 100 ml. 

Ammonium carbonate reagent: 

Dissolve 15 g. of ammonium carbonate and 20 g of ammonium chlonde 
in 100 ml. of 6.Y NIl 4 OH 
Ammonium chloride: 

QN solution (approximately) : Dissolve 32 g. m 90 ml. of water. 

IN solution. Dissolve 5.35 g. m water and dilute to 100 mj. 

Ammonium hydroxide: 

Concentrated (approximately 15A T ) 

Dilute (6 AT). 

Ammonium mercuric thiocyanate reagent: 

Dissolve 30 g. of ammonium thiocyanate in 100 nil of water, then add 
27 g. of mercuric chloride and stir until dissolved 
Ammonium molybdate reagent: 

Dissolve 4 g. of MoOj in 20 ml. of 6A r NH 4 01I, add 75 ml. of 6A r HNOa, 
and dilute to a volume of 100 ml. 

Ammonium nitrate: 

6 N solution: Dissolve 48 g. in water and dilute to 100 ml 
♦Ammonium sulfide (mono): 

Saturate 50 ml. of 6AT NH,OH with hydrogen sulfide, then add 50 ml. 
of 6AT NH 4 OH. 

* Ammonium sulfide (poly) : 

Prepare 100 ml. of the monosulfkle as above, then add 1 g. of sulfur and 
shake the mixture. 

Auric chloride (0.05 per cent) : 

Dissolve 0.05 g. of auric chloride in 100 ml. of water. 

Barium chloride-calcium chloride reagent : 

Dissolve 24 g. of BaClr2H20 and 22 g. of CaCl s -6H*0 in 100 ml. of water. 



LIST OF REAGENTS 


311 


Barium nitrate: 

Dissolve 5.2 g. of Ba(N0*)2 in 100 ml. of water. 

Barium nitrate-calcium nitrate reagent : 

Dissolve 5.2 g. of Ba(XO*).> and 4.52 g. of UlsO m 100 ml. of 

water. 

* Carbon tetrachloride. 

Cupric sulfate (0.1 per cent): 

Dissolve 0.1 g. of CuS0 4 -5H 4) in 100 ml. of water. 

Dimethylglyoxime : 

Dissolve 1 g. in 100 ml. of ethyl alcohol. 

* Ether, diethyl. 

Ferric chloride (0.5.1/ ): 

Dissolve 13 5 g of FeClj 6H 2 0 in water and dilute to 100 ml. 

Ferrous ammonium sulfate: 

Dissolve 2 g. of FeS0 4 (XIl 4 ) < *SO| Oil 2 0 in SO ml of water, add 3 ml. of 
6 N H 2 S() 4 and dilute to 100 ml. 

Hydrogen peroxide: 

3 per cent (should be "hocked occasionally to be sine it has not lost too 
much strength). 

* 8 per cent: Dilute 10 ml. of superoxol with four times its \ ultimo of water, 
add 10 ml of 0.V li 2 S() 4 , then titrate with standard KMn() 4 solution 
to determine exact stnmgth of the superoxol Dilute’ according to 
the results obtained, to make the 8 per cent solution. 

* Iodine-starch-KI reagent: 

Mix equal volumes of 0 1 .V KI solution and fresh Man'll solution. Add a 
solutiojqof iodine in KI solution until the solution is deep blue. Add 1 
drop of toluene or chloroform to each bottle as a preservative. Change 
the solution frequently 
D*ad acetate (0 1 N) : 

Dissolve 1 9 g. of Pb(C»IIaOa).» 3 IDO in 80 ml. of water, add 1 ml. of 
glacial acetic acid, and dilute to 100 ml. 

Magnesium chloride: 

Dissolve 10 g. of MgClr6H 2 0 in 100 nil. of water. 

Mercuric chloride: 

Dissolve 2.7 g. of HgCl 2 in 100 ml. of water. 

Nickel nitrate (0.5iV;: 

Dissolve 14.5 g. of Ni(N0 3 ) 2 6H*0 in water and dilute to 100 ml. 
p-Nitrobenzeneazoresorcmol reagent : 

Dissolve 0.001 g. m 100 ml of 0 5 per cent NaOH and filter if necessary. 
«-Nitroso-/3-naphthol reagent : 

Dissolve 1 g. in 50 ml. of glacial acetic acid and add 50 ml water. 
Potassium chromate (1A T ): 

Dissolve 9.7 g. in water and dilute to 100 ml. 

Potassium cyanide (3 per cent) : 

Dissolve 3 g. in 100 ml. of water. 

Potassium ferricyanide: 

Dissolve 6 g. in 100 ml. of water. 
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Potassium ferrocyanide; 

Dissolve 8 g. in 100 ml. of water. 

Potassium iodide: 

IN solution: Dissolve 16.6 g. in water and dilute to 100 ml. 

0 . IN solution. Dissolve 1.7 g. in water to make 100 ml. 

Potassium oxalate (IN): 

Dissolve 8.3 g. in water to make 100 ml. 

Potassium permanganate: 

O.lAf solution: Dissolve 1.58 g. in water to make 100 ml. 

0.5 per cent solution: Dissolve 0.5 g. m 100 ml. of water. 

Potassium sulfate (1 N): 

Dissolve 6.7 g. in water to make 100 ml. 

Potassium thiocyanate: 

Dissolve 10 g. in 100 ml. of water. 

Silver nitrate (5 per cent) : 

Dissolve 5 g in 100 ml. of water. 

Sodium bicarbonate: 

Saturated solution. 

Sodium bisulfate: 

Saturated solution. 

Sodium bisulfite: 

Dissolve l g. in 100 ml. of water. 

Sodium carbonate: 

Saturated solution. 

Sodium chlorate: 

Saturated solution. 

Sodium chloride: * 

Saturated solution. 

Sodium hydroxide: 

6iV solution: Dissolve 24 g. of NaOII in water to make 100 ml. 

Sodium phosphate: 

Dissolve 10 g. of Na 2 HP 04 * 1211/) in 100 ml. of water. 

Stannous chloride: 

Dissolve 10 g in 50 ml. of concentrated HC1; then add an equal volume of 
water and two or three pieces of tin. 

* Starch solution. 

Turmeric solution: 

Saturated solution in 95 per cent ethyl alcohol. 

Zinc uranyl acetate reagent: 

Dissolve 10 g. of uranyl acetate and 30 g. of zinc acetate in 100 ml. of 
3 per cent acetic acid. Let stand overnight and filter. 

RECOMMENDED ORGANIC REAGENTS 

(Not included m the regular list) 

Benzidine: 

Dissolve 0.05 g. of the pure substance in 10 ml. of glacial acetic acid and 
add 90 ml. of water. 
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«-Benzoinoxime : 

Dissolve 5 g. in 100 ml. of ethyl alcohol. 

Cinchonine: 

Dissolve 1 g. in 100 ml. of water, add 10 drops of IlXO a , and warm unt il 
dissolved. Cool, then add 2 g. of KI. 

Dipheny lamine : 

Dissolve 0.4 g. in 100 ml. of SO per cent II a S 04 . 

Diphenylthiocarbazone (dithizon) : 

Dissolve 0.02 g. in 100 ml. of ('II Cl* or CC1 4 . 

Rhodanine (5-p-dimethyUiminobenzal rhodanine) : 

Dissolve 0.03 g. in 100 ml. of acetone. 

Tbiosinarnine (allyl thiourea): 

Use the solid. 

TEST SOLUTIONS AND UNKNOWNS 

In making up unknowns and test solutions, some instructors want the 
solution to contain a definite weight of the cation or the anion in a given 
volume. Others, wishing to emphasize the laws of chemistry rather than 
the practical aspects of analysis, prefer that the solutions have a standard 
molarity , as most of the calculations in theory are made using the concen- 
trations of solutions in moles per liter. 

Semimicro methods do not. require any special concentrations for their 
use. The usual concentrations can be used in scmimieroanalysis as well 
as they could in mac roana lysis. 

For the instructors convenience, however, the following table is included, 
giving the weights of the salts of different cations nee<]cd to make a solution 
of the cation for test solutions and unknowns. 

It is suggested that these cation stock solutions be diluted 1:9 in actual 
use. 

Anion test solutions should be 0.1. If, as a rule. Anion unknowns should 
be made from stock solutions that arc 0.5.1/ with the sodium or potassium 
salts of the desired anions. 

On an average it will be found that 50 ml. of each test solution ami 50 ml. 
of each stock solution for making unknowns will be more than ample for 
40 students, during a one-semester course. 
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Weight of salt per 
100 ml. to make 

Metal 

Formula of salt 

0.1 Af, 
grams 

100 mg. per 
milliliter, 
grams 

Aluminum 

A1(N0 s ) 3 -9H 2 0 

3.75 

69 

Antimony* 

SbCl, 

2.28 

18.7 

Arsenic f 

As 2 0 3 

0.98 

13 

Barium 

Ba(NO«)s 

2.61 

19 

Bismuth J 

Bi(NO,),-5H*0 

4.85 

23.3 


Cd(N0; t ) 2 '4H 2 0 

3.08 

27.5 

Calcium 

Cu(N0 3 ) 2 -4H 2 0 

2.36 

59 


0(X0 3 )3-9H 2 0 

4.00 

77 


Co(N0 3 ) 2 GH>0 

C hi (N 0 3 ) S *3H aO 
Fc(N0*)a-9H*0 

2.91 

49.5 

Uomifir $ 

2.41 

38.3 

Iron§ 

4.04 

72.3 

Bead ^ 

FeSOr ( NH 4 ) *S0 4 -6Ha0 

Pb(NO*)* 

Mg(N0 3 ) 2 -6H 2 0 

Mn (NO 3 ) 2 *6 H >0 
Hg(N0 3 ) 2 

Tl^a (NO*) *‘21 1*0 
Ni(N0 3 ) 2 *6H,0 

3.92 

3.31 

70.2 

16 

Magnesium 

2.56 

106 

Manganese 

2.87 

52.3 

Mercury (Hg ++ )§ 

3.24 

15.7 

Mercurv ^ * )ll 

2.80 

13.6 

Nickel 

2.90 

49.6 

Potassium 

KNO* 

1.01 

25.6 

Silver 

AgNO. 

NaNOa 

1.69 

15.8 

Sodium 

0.85 

37 

Strontium 

Sr (NO*) a-411 sO 
SnCV3H*0 

2.83 

32.5 

Tin (Sii + M + )t 

3.14 

26.4 

Tin (Sir* ♦Oil 

SnCl.-2HaO 

2.25 

19 

Zinc$ 

Zn (NO*) 2-611 aO 

2.97 

45.4 





* Use ( \N 1IC1 as the solvent, 
t Dissolve in hot fiAT IK'l. 
t Dissolve in 3 AT HNOi. 

§ Dissolve in water, then add 1 ml. concentrated UNO* to each 100 nil. of solution. 

|| Dissolve in 100 ml. water and add 3 ml. concentrated IINOj and a small globule of 
metallic mercury. 

1 Dissolve in 50 ml. concentrated IICl, dilute to 100 ml., and add a little pure metallic tin. 


INDEX 


A 

Acetate's, hydrolysis of, 122 
tests for, 29(1 
Acid-basc reactions, 129 
Acidity, momentary, in buffer solu- 
tions, (17 

reserve, and total, 58 
and pH, 121 

Acids, Hronsted’s, definition of, 51 
met a stannic, dissolving of, 203 
monobasic, 59 
polybasic (polyprotic), 72 
Activity, meaning of, 59, 95 
Adsorption, 100 
Air bath, 192 
“ Aitchtuess,” 190 
Alizarin test for aluminum, 235, 21 1, 
2 47, 249 

Alloys, treatment of, 202 
Alum mates, 1 17, 1 19, 235 
Aluminon test for aluminum, 235, 
241, 247, 249 

Aluminum, amphoteric nature of, 
147, 149, 235 
analysis for, 240, 249 
equations on, 255 
properties and compounds of, 235, 
272 

Ammines (stee Ammonia complexes) 
Ammonia complexes, 137, 139, 141, 
143, 145 

(See also compounds under the 
respective metals 
Ammonium, analysis for, 200 

properties and compounds of, 203, 
274 

Ammonium chloride, hydrolysis of, 
127 

Ammonium hydroxide, Bronsted’s 
theory of, 128 


Ammonium hydroxide, dual nature 
of, 82, 143 

Ammonium mercuric thiocyanate, 
102, 244, 270 

Ammonium persulfate, oxidation 
with, 180, 237 

Ammonium sulfide, action of, 111, 
150 

Amphoterism, analytical applica- 
tions, 151 

theories of, 140, 148, 149 
use of, in dissolutions, 85 

Analysis, anion, discussion of, 275 
(iroup I, 283 
notes on, 280 
(Iroup II, 288 
notes on, 290 
(Iroup III, 291 
notes on, 294 
Group IV, 295 
notes on, 297 

treating solid unknowns for, 
280 

cation, discussion of, 201 
Group I, 210 

analytical aspects, 209 
equations on, 212 
notes on, 21 1 
Group II, 225 

analytical aspects, 224 
equations on, 232 
notes on, 228 
Group III, 240, 219 
analytical aspects, 245 
equations on, 254 
notes on, 251 
Group IV, 259 

analytical aspects, 258 
equations on, 202 
notes on, 200 
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Analysis, cation, Group V, 266 
analytical aspects, 266 
notes on, 267 
definition of, 1 

Anion unknowns, preliminary exami- 
nation of, 280 

Anions, oxidation-reduction reac- 
tions of, 277 

analytical classification by, 279 
as preliminary tests, 282 
Anode, definition of, 45 
reactions at, 47 

Antimony, amphoteric properties of, 
148 

analysis for, 225 
equations on, 233 
properties and compounds of, 216, 
272 

Apparatus, illustrations of, air bath, 
192 

capillary delivery tubes, 1 97 
filter stick, 190 
gas evolution, 266 
II 2 S generator, 196 
microdistillmg, 285 
steam bath, 192 
vapor testing, 284 
wash bottle, 200 
list of, 307 
Appendix, 299 
Aqua regia, 113, 208 
Arsenates, action of H 2 S on, 215 
reactions of, 215 
oxidizing, 278, 279, 282 
tests for, 291 
Arsenic, analysis for, 225 
equations on, 233 
properties and compounds of, 215 
Arsen ites, reactions of, 215 
reducing, 278, 279, 282 
tests for, 291, 295 
Arsine, 215 
Atomic structure, 2 
Auxiliary tests for cations, 269 

B 

Barium, analysis for, 259 
equations on, 262 


Barium, properties and compounds 
of, 255 

Barium sulfate, dissolving, 256 
Bases, Bronsted’s definition of, 51, 
52 

Basicity, momentary, reserve, and 
total, 59, 69 

Bead tests, borax, 245, 272, 274 
microeosmic salt, 293 
sodium carbonate, 243 
Bcnedetti-Pichler test for zinc, 273 
Benzidine as a reagent, 273, 294 
rv-Benzoin oxime as a reagent, 270 
Bismuth, analysis for, 225 
equations on, 232 
properties and compounds of, 214, 

270 

Bismutliates, 214 
Borates, tests for, 291 
Bromides, reducing action of, 279, 
282 

tests for, 288 

Bronsted acid-base theory, 51 
and amphotensm, 149 
and hydrolysis, 127 
and pH, 121 

Brownian movement, 155 
Buffer solutions, 67 
definition of, 69 
mathematical treatment of, 70 

C 

Cacothclme test for tin, 271 
Cadmium, analysis for, 225 
equations on, 232 
properties and compounds of, 214, 

271 

Cadmium sulfide, theory of pre- 
cipitation of, 110 
Calcium, analysis for, 259 
equations on, 262 
properties and compounds of, 257 
Calculations, degree of ionization, 
48, 65 

equilibrium constants, 175 
ion concentrations in, buffer solu- 
tions, 70 
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Calculations, ion concentrations in, 
complex ions, 145 
strong electrolytes, 56 
weak electrolytes, 59, 66, 106 
molarity, 30 
normality, 32 
solubility product, 95 
Carbon chains, 9 
Carbonate fusion, 203, 204 
Carbonates, dissolution of, 87 
tests for, 285 
hydrolysis of, 127 

Carbonic acid, ionization of, 72, 108 
Catalysts, 16 
Cathode, definition of, 45 
reactions at, 47 

Cations, analysis for (see Analysis, 
cation) 

auxiliary tests for, 269 
definition of, 6 

preliminary experiments on, 207, 
218, 239, 257, 26 1 
separation of Groups II and III 
of, 109 
(Jells, 171 

Centrifuges, 188, 308 
Chemical characteristics, Group I 
cations, 204 
Group II cations, 213 
Group III cations, 233 
Group IV cations, 255 
Group V cations, 262 
Chlorates, oxidizing action of, 236, 
237, 279, 282 
tests for, 296 

Chloride complexes, 138, 145 
Chlorides, reducing action of, 279 
tests for, 288 
Chloroplatinic acid, 264 
Chromates, dissolution of, 87 
oxidizing action of, 178, 236, 279, 
282 

tests for, 291 

Chromium, amphoteric properties 
of, 149, 236 
analysis for, 246, 249 
equations on, 255 


Chromium, properties and com- 
pounds of, 235, 273 
Cinchonine test for bismuth, 270 
Coagulation, 155, 159 
Cobalt, analysis for, 246, 249 
equations on, 255 
properties and compounds of, 238, 
239 

Colligative properties, 36 
Colloids, charges on, 156 
coagulation of, 159 
definition of terms, 155 
formation of, 155 
Color-change intervals, 131, 132 
Common ion effect, 80 
Complex ions, 137 

analytical applications of, 150 
calculations involving, 1 11, 115 
coordination nuinbeis and, 139 
electrovalence of, 140 
thio, 111, 150 

use of, in dissolutions, 82, 1 11 
Compounds, classification of, bv ion 
types, 92 

polar and nonpolar, 11, 12 
Concentration units, 29 
molal, 36 
molar, 30 
mole fraction, 38 
normal, 32 
Condensation, 155 
Conductivity, 44 
Constants, equilibrium, 19, 175 
instability, 145 
ionization, 60, 61 
solubility product, 91 
Coordinate valence, 10 
Coordination numbers, 139, 140 
Copper, analysis for, 225 
equations on, 232 
properties and compounds of, 213, 
270 

Coprecipitation, 160 
Coulomb, definition of, 45 
Covalence, 9 

Crystals, ionic and molecular, 13 
Cupric and cuprous compounds, 213 
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Cyanides, complex ions of, 138, 144, 
145 

hydrolysis of, 123-125 
tests for, 285 

( See also compounds of respec- 
tive metals) 

D 

Debye-Huckcl, theory of, 49 
Delivery tubes, capillary, 197 
Dichromates, nature of, 87, 236 
reactions of, 178, 236 
Dimethvlglyoxime, bismuth with, 
270 

iron with, 234 
nickel with, 244 

Diphenylamme, nitrates with, 297 
Diphcnylthiocarbazone, 269, 270, 

273 

Dissolving, equilibrium and, 81 
mechanism of, 23 
ot solid unknowns, 202, 280 
Distribution ratios, 27 
Ditluzon (see Diphenylthiocar- 
bazonc) 

E 

Electric moment, 12 
Electrode, normal hydrogen, 172 
Electrode potentials, 170, 172 
tables of, 299, 302 
Electrolytes, definition of, 36 

degree of ionization of, 47-49, 56 
pseudo-, 50 

Electronic structure, ammonia, 51, 
139 

ions, 5-7 

some molecules, 7-13 
some simple atoms, 2-5 
Electrons, 2 
Electrovalenee, 9 

Elements, periodic table of, Inside, 
Back Cover 

Elimination tests, anion, 282, 283 
Endothermic reactions, 16 


Equations, analytical, for cations, 
212, 232, 254, 262 
oxidation-reduction, balancing of, 
166, 167, 169 

Equilibrium, chemical, 14 
heterogeneous, 79 
homogeneous, 14 

Equilibrium constants (see Con- 
stants, equilibrium) 
Equilibriums, effect of catalysts on, 
16 

effect of concentration on, 17, 20 
effect of pressure on, 20, 21 
effect of temperature on, 16 
Equivalent weights, gram-, 32, 45 
Evaporations, 191 
Exothermic reactions, 16 
Extraction, 28 

F 

Faraday, definition of, 45 
Faraday's law, 45 
Ferric compounds, 234 
Ferrievamdes, oxidizing action of, 
279, 282 
tests for, 288 

Ferrocyanides, reducing action of, 
279, 282 
tests for, 288 
Ferrous compounds, 234 
Ferrous sulfide, precipitation and 
dissolution of, 111 
Filtrations, 188 
Flame tests, 258, 265 
Fluorides, tests for, 291 
Formula weights, 30 
Freezing point, lowering of, 36-39 
Fusions, mixture's for, 203, 204 

G 

Gallic acid, mercury test with, 269 
Gas-evolution apparatus, 266 
Gases, solubilities of, 25, 26, 27 
Gram-equivalent weight, definition 
of, for compounds, 32 
for elements, 45 



INDEX 


319 


Group separations, discussion of, 
anion, 275, 276 
cation, 201 

H 

Half-cells, 171 

Heterogeneous equilibriums, 79 
Heterogeneous reactions, 78 
Homogeneous equilibriums, 14 
Hydration, 29, 50-52, 137 
Hydrogen electrode, normal, 172 
Hydrogen ion, and H 3 0 + , 50, 121 
and pH, 119 

Hydrogen sulfide, analytical appli- 
cations of, 109 
generators, 194, 195 
mathematical treatment of, 100 
precipitation with, 191 
reducing action of, 183 
Hydrolysis, Bronsted’s thorny and, 
127 

ion concentrations and, 123 
nature of, 121, 127 
in reagents, 126 
repression of, 127 
tom pel a tui c 1 and, 120 
types of salts undeigoing, 123, 120 
Hvdionium ions, 50 
and pH, 121 

Hydroxides, dissolving of, 80 
Ilypoehlontes, oxidizing action of, 

277, 279 
tests for, 284 

I 

Ideal solutions, 38 
Inclusion, 101 
Indicators, chart of, 131 
theory of, 130 
Instability constants, 143 
table of, 145 

Interiome attraction theory, 49 
Iodides, reducing action of, 182, 

278, 279, 282 
tests for, 288 

Ion-clectron method, 167 


Ionic crystals, 13 
Ionization, degree of, 48, 56 
theories of, 45 
Arrhenius’s, 40 
Bronsted’s, 50 
Debye and Huckel’s, 19 
Ionization constants, 00 
table of, 61 

Iron, analysis for, 240, 249 
equations on, 251 
properties and compounds of, 233 
Isoelectric point, 150 
Isomorphous compounds, 161 

L 

Law, Faraday’s, 15 
Gay-Lussac’s, 20 
Henry’s, 27 
mass action, 17, 18 
Ostwald’s dilution, 04 
Itaoult’s, 38 

Lead, amphoteiic properties of, 85, 
148, 205 

analysis for, 210, 225 
equations on, 212 
properties and compounds ol, 205, 
270 

Le (’hatcher, principle* of, 15 
Logarithms, table ol, 305 

M 

Magnesia mixture, 210, 222, 223, 292 
Magnesium, analysis lor, 200 

properties and compounds of, 202 
Manganates, 237 

Manganese, analysis for, 240, 249 
equations on, 254 
properties and compounds of, 230, 
274 

Manganese sulfide, precipitation ol, 
110 

Mass action, law of, 17 

applications of. 18, 00, 04, 70, 
72, 90, 100, 107, 108, 118, 
121, 133, 143, 144, 170 
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Mercury, analysis for, 210, 225 
equations on, 213, 232 
properties and compounds of, 205, 
269 

Metals, reactions of, with non- 
metals, 5 

reducing action of, 181 
Micelles, 155 
Milhequivalent, 34 
Mixed crystals, 161 
Molal freezing-point depression, 36 
table of, for electrolytes, 39 
for nonelectrolytes, 37 
Molal solutions, 36 
Molar solutions, 30 
Mole, definition of, 30 
Mole fraction, definition of, 38 
Molecular crystals, 13 
Molecules, nonpolar and polar, 11, 
12 

structure of, 5 

carbon tetrachloride, 12 
chloroform, 12 
silane, 7 

silicon tetrachloride, 8 
sulfuric acid, 10 

Molybdate test, for arsenates, 216, 
223 

for phosphates, 223, 292 
for silicates, 294 

N 

Negative ions, elimination tests, 
282, 283 

Nessler’s solution, ammonium test 
with, 274 

Neutral solution, definition of, 119 
Neutralization, 121 
Neutrons, 2 

Nickel, analysis for, 246, 2<*9 
equations on, 255 
properties and compounds of, 238, 
274 

Nitrates, tests for, 296 
Nitric acid, oxidizing action of, 179, 
279 


Nitrites, oxidizing and reducing 
action of, 277, 279, 282 
tests for, 284 

a-Nitroso-/3-naphthol, 244, 246, 249 
Nonmetals, oxidizing action of, 178 
reactions of, with metals, 5 
Nonpolar compounds, 11, 12 
Normal solutions, 32 
Notes, on analytical procedure, 
anion, 286, 290, 294, 297 
cation, 211, 228, 251, 260, 267 
importance of keeping laboratory, 
200 

O 

Ostwald's dilution law, 6 1 
Oxidant, 166 

Oxidation, definition of, 165 
and reduction, 165 

electron changes in, 165 
equations, balancing of, 166 
ion-electron, 167 
valence-electron, 169 
tests, anion elimination, 282, 283 
Oxidizing agents, 166, 177 
Oxidizing potentials, 1 70 
tables of, 299, 302 
discussion of, 173 
equilibrium constants from, 175 
Oxonium ions, 50 

P 

Passivity, 233, 235 
Peptization, 155 

Periodic table (inside Back Cover) 
Permanganates, oxidizing reactions 
of, 178, 237, 279, 282 
tests for, 297 

Peroxides, oxidizing action of, 179 
Persulfates, oxidizing action of, 180, 
237 

pH and pOH, 119 
and H 3 0+, 121 
table of, 120 

Phosphates, tests for, 291 
Phosphoric acid, ionization of, 73 
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Polar compounds, 11, 12 
Polysulfides, 114, 150 
Potassium, analysis for, 260 

properties and compounds of, 263 
Potentials, oxidation, 170, 173, 299, 
302 

Precipitates, dissolving, 81, 202, 280 
manipulating, 191 
visibility of, 188 

Precipitation, and colloid formation, 
156, 159 

equilibrium and, 88 
selective, 97 

tests for completeness of, 199 
Preliminary experiments, Cation 
Group I, 207 
Cation Group II, 218 
Cation Group III, 239 
Cation Group IV, 257 
Cation Group V, 264 
Protons, 2 

Pseudoelectrolytes, 50 
R 

Raoul t’s law, 38 
Reactions, combination, 165 
decomposition, 166 
displacement, 166 
heterogeneous, 78 
oxidation-reduction, 165 
rates of, 15-18 
reversible, 14 
Reagent blocks, 308 
Reagent containers, 308 
Reagents, handling of, in laboratory, 
193 

liquids and solutions, 309 
list of solid, 309 
recommended organic, 312 
Reducing agents, 166, 181 
Rcductant, 166 
Reduction, definition of, 165 
Rhodamine B, antimony test with, 
272 

Rhodanine, silver test with, 269 
Rules, important technique, 194, 198 


S 

Salt effect, 49, 91, 95 
Salts, ionization of, 56, 82 
Samples, size of, 187, 202 
solid, treatment of, 202, 280 
Seminucro technique, 187 
evaporations, 191 
filtrations, 188 
handling precipitates, 191 
spot tests, 193 

Separation of ions, efficiency of, 97 
Silicates, tests for, 291 
Silver, analysis for, 210 
equations on, 213 
properties and compounds of, 204, 
269 

Sodium, analysis for, 266 

properties and compounds of, 263 
Sodium thiosulfate, in test, for 
antimony, 272 
for nickel, 274 

Solids, ionic and molecular, 13 
preliminary treatment, for anions, 
280 

for cations, 202 
Solubility, definition of, 23 
factors influencing, 25 
graphs of, 24, 25, 26, 94 
Solubility products, 90 

constants, and ion product, 93 
factors influencing, 93 
table of, constants, 91 
Solute, definition of, 22 
Solutions, colloidal, 155 
definition of true, 22 
heats of, 79 
ideal, 38 
molal, 36 
molar, 30 f 
normal, 32 
saturated, 23 
supersaturated, 23 
Solvation, 29, 50-52, 137 
Solvent, definition of, 22 
Solvents, nonaqueous, 94 
“Sphere of influence,” 49 
Spot tests, technique of making, 193 
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Stability constants, 144 
Stannic acid, mot a, 203 
Stannic compounds, 217 
Stannites, 217, 221 
Staiyious chloride, 182, 217 
Stannous compounds, 217 
Steam bath, 192 
Stibine, 216 

Strong electrolytes, 49, 56 
Strontium, analysis for, 259 
equations on, 262 
properties and compounds of, 257 
Suggestions on laboratory work, 197 
Sulfates, tests for, 291 
Sulfides, dissolving of, 86, 113, 150 
hydrolysis of, 127 
reducing action of, 105, 279, 282 
tests for, 283 

Sulfites, oxidizing and reducing ac- 
tion of, 182, 277, 278, 279, 282 
tests for, 284 

Supersaturation, overcoming of, 24 
T 

Tables, coordination numbers, 140 
instability constants, 145 
ionization constants, 61 
logarithms, 305 

molal freezing point depression, 
37, 39 

oxidation potentials, 299, 302 
periodic (inside Back Cover) 
solubility product constants, 91 
Technique, semimicro and other, 187 
Test solutions, making of, 313 
Thio complexes, 114, 150 
Thiocyanates, reducing action of, 
279, 282 
tests for, 288 


Thiosinamine, cadmium test with, 
271 

Tin, amphoteric properties of, 148, 
217 

analysis for, 225 
equations on, 233 
properties and compounds of, 
216, 271 

U 

Unknowns, making of, 313, 314 
V 

Valence, covalence and electro- 
valence, 9 

primary and secondary, 139 
Werner’s theory of, 139 
Valence-electron method, 169 
Visibility of precipitates, 188 

W 

Wash bottle, 200 
Water, H+ and OH' in, 117, 119 
hydrolysis and, 121 
pH and, 119 

Weak electrolytes, 47-48, 58, 73 
{See also Hydrogen sulfide and 
Water) 

Werner’s theory, 139 
Z 

Zinc, amphoteric nature of, 85, 147, 
149, 237 

analysis for, 246, 249 
equations on, 255 
properties and compounds of, 
237, 273 
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